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ABSTRACT
A general scale of solute hydrogen-bond basicity has 
been constructed using a vast body of 1:1 hydrogen-bond
■the,
equilibrium constants taken from literature. The data is 
H A
assembled as a series (or set) of log K° values for bases 
measured against a given hydrogen-bond acid in dilute 
tetrachloromethane solution. 34 such sets have been 
collected and a computational method regresses the log K° 
data into 34 optimized equations of the form;
loS K <set i> = L-i-loS 4, + D-i (1)
For each set, the constants <L A and D«) characterize the 
particular reference acid and the log KMo values 
characterize (and thereby scale) the bases over all sets. 
Certain acid-base combinations must, however, be excluded 
from equation 1 and this provides evidence that the log Kmb 
scale is not entirely general towards all reference acids. 
In the regression procedure, use has been made of the novel 
observation that the lines represented by equation 1 
intersect at a point where log K* = log Km b = -1.1. It is 
further shown that this condition enables the estimation of 
1: 1 jl^irogen-bond log K° values in tetrachloromethane via 
equation 2;
log K ’ = 0.3421.(log K® + 1.1)(log + 1.1) - 1.094 (2)
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where log KM*a, is a scale of solute hydrogen-bond acidity. 
The log Kmb scale has been analysed in terms of the two 
principle factors of basicity according to the method 
devised by Maria and Gal et al. This analysis is shown to 
be informative in establishing and interpreting the
relationships of log Kh e* with other basicity-dependent 
properties.
For the most part, the experimental studies undertaken 
are concerned with a critical examination of the existing 
methods of determining aG and AH for 1:1 hydrogen-bond 
formation. The customary assumption of an exclusive 
1:1 model of acid-base association in dilute solution has 
been tested with respect to the interaction of
cyclohexanone with 3,5-dichlorophenol in cyclohexane. Using 
infrared spectroscopy, evidence for higher complex 
formation is presented and a method has been developed for 
determining simultaneously the formation constants of both 
the 1:1 CAB) and 2:1 (A^B) complexes <Kt and Ks»,
respectively). 2:1 complex formation is also shown to 
interfere significantly with the K and AH values obtained 
from a classical calorimetric titration procedure, limiting 
its application to hydrogen-bonding studies. For this 
reason, an Improved calorimetric method for the independent 
determination of 1:1 hydrogen-bond enthalpies has been 
developed.
Application of the devised methods to the interaction 
of 3,5-dichlorophenol with series of aliphatic ketones and 
aliphatic ethers in cyclohexane has yielded the values of
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Ki and K2 , together with the thermodynamic parameters (AGi, 
AHi and ASi ) of 1:1 hydrogen-bond formation. Within each 
series, the small differences in Ki and AHi resulting from 
the very subtle structural variations in the base component
are discussed in terms of electronic and steric effects.
The values of Ki and Ks» are found to be consistent with a
theoretically derived equation predicting a linear 
relationship between log Ki and log Kss, and the values of 
aHi are used to critically appraise the validity of the
Badgei— Bauer relationship.
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1 INTRODUCTION TO HYDROGEN BONDING
1.1 GENERAL INTRODUCTION
The concept of hydrogen bonding can be traced back to 
the early work on associations of liquids and through 
Werner's treatment of complex structure, although it is 
difficult to pinpoint its exact origin. In 1920 however, 
Latimer and Rodebush1 wrote that "a free pair of electrons 
on one water molecule might be able to exert sufficient 
force on a hydrogen held by a pair of electrons on another 
water molecule to bind the two molecules together". 
Although this is commonly recognized as the first 
definitive paper on hydrogen bonding, it was M. L. Huggins 
of the same laboratory who was acknowledged for the idea 
and whose unpublished work was referred to.
Since the Latimer and Rodebush publication, thousands 
of papers have appeared on many different aspects of 
hydrogen bonding and a review by Huggins2 himself in 1971 
describes his own interests over a 50 year period. 
Fortunately, a number of books3-10 have been devoted to 
hydrogen bonding and these review many of the more recent 
theoretical developments and practical techniques, as well 
as compiling much of the experimental data.
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1.2 DEFINITION OF THE HYDROGEN BOND
According to simple valence bond theory, a hydrogen 
atom should be capable of forming only one chemical bond. 
In some cases however, a covalently bound hydrogen atom 
forms a second bond to another atom and it is this 
additional bond which is referred to as a hydrogen bond.
The hydrogen bond is an interaction between an 
electron-deficient hydrogen and a region of high electron 
density. It is traditionally represented as X-H--Y where Y 
is any atom or group which is a cr or m electron donor site 
(Lewis base) and X is an atom more electronegative than 
hydrogen (usually 0 or N) . It should be pointed out that 
there is also is a separate class of hydrogen bonds when a 
hydrogen atom connects two atoms of lower electronegativity 
than itself, eg. B-H-B bonds in boranes. This type of 
bonding is a subject in itself and will not be further 
considered.
Hydrogen bonds can be either intramolecular or 
intermolecular. The latter can be further subdivided into 
homo-intermolecular (self-associated) and hetero-
intermolecular associations.
In the crystaline state, an X-H--Y interaction is 
considered to be a hydrogen bond if the distance 
H - • - Y < Vh  + Wy and 110° < 9 < 180°, where Wh and Wv are 
the van der Waals radii of the H and acceptor atoms, 
respectivly, and 0 is the angle X-H--Y. Hamilton and Ibers6 
proposed that the existence of a hydrogen bond is certain
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when the distance H- ■ -Y < WM + Vv- - 0.2A. Therefore if WH 
is taken as 1.0A11*12, then the distance H---Y in cases where 
Y is 0 or IT, must be less than 2.5A to indicate 
unequivocally the presence of a hydrogen bond.
The hydrogen bond is usually considered as an 
intermediate range interaction, with bond strengths for 
neutral complexes typically in the range 2-10 kcal.mol- 1. 
Hydrogen bonds much stronger than this often show 
significant proton-transfer character, whereas it is often 
difficult to show the existence of a specific hydrogen bond 
for much weaker interactions. In their classic paper, 
Arnett, Mitchell and Murty13 observed that "there is both 
an experimental and even conceptual lower limit below which 
it becomes a matter of taste whether or not one chooses to 
say a hydrogen bond exists between two molecules". They 
went on to pose the question, "At what stage does a 
hydrogen bond become a weak dipole-dipole attraction?". 
Kollman and Allen14 added an energy criteria to overcome 
this ambiguity, saying that "to be a hydrogen bond, the 
energy of complex formation must be greater than dipolar or 
London dispersion force energies".
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1.3 THE NATURE OF HYDROGEN BONDING
A critical and extensive discussion on the theory of 
hydrogen bonding is presented by Schaad8. This includes 
reference to the more recent ab initio calculations that 
are bringing hydrogen-bonding theory to an increasing, but 
by no means final level of sophistication.
In this section, it is simply intended to outline some 
of the energies and forces which constitute a hydrogen bond 
in the hope that this may help provide a rationale to some 
of the observations encountered during the course of this 
study.
In 1928, it was originally argued by Pauling15 that 
according to the Lewis-Langmuir theory, hydrogen can 
participate in only one covalent bond, and that a second 
hydrogen bond must occur via an exclusive electroststic
model; however, arguments against this soon became
apparent. Essentially, the objections were based on the 
underlying assumption that if two molecules approach each 
other very closely, then there simply must be some 
interaction between their respective clouds of electrons
other than dipole-dipole type. Indeed, this argument is 
inherent from the energy criteria needed to define a
hydrogen bond, as stated previously.
Coulson pointed out in 1957 (ref.3, p.341), that a 
proper understanding of hydrogen-bond behaviour requires 
decomposition of the total energy into four distinct terms;
-  14 -
i> electrostatic interaction 
ii) delocalization effects 
iii> repulsive forces 
iv) dispersion forces
These terms were taken to mean; i) such forces as would 
arise if the interacting species could be brought together 
without any deformation of their respective eletron clouds; 
ii) the distortion of the electron clouds of the 
interacting species, including transfer of charge between 
them; iii) the charge-cloud overlap repulsion resulting 
from the Pauli exclusion principle; and iv) the coordinated 
motion of the electrons in the two species giving rise to 
London-type forces.
Although Coulson realized that such a division of 
interactions is an artificial one used to simplify the 
computations, it is still well-established that these terms 
are all major contributors to the hydrogen-bond energy. The 
only apparent difference being that more recently, 
delocalization effects are customarily subdivided into 
polarization effects (intramolecular charge redistribution) 
and charge-transfer effects (intermolecular charge 
redistribution).
The terms electron donor and electron acceptor are 
often applied to hydrogen bonding. However, this should not 
be taken to imply that interaction occurs primarily via 
charge transfer. The terms reflect the early ideas of 
Mulliken, who still argued in 1969 that although
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electrostatic effects are important, the charge-transfer 
contribution is the organizing principle for most donor- 
acceptor reactions, including hydrogen bonding16. However, 
it is the absence of a well defined charge-transfer spectra 
in hydrogen-bonding systems which weakens this argument. 
Kollman and Allen14 concluded from comparisons of 
calculations with experiment that although there is likely 
to be some contribution from charge transfer, such a 
mechanism does not play a major role in hydrogen bonding 
and that its contribution decreases as a function of 
increasing hydrogen-bond distance.
Arguments for and against a charge-transfer model of 
hydrogen bonging are apparent, but what seems more clear is 
that intermolecular charge redistribution (polarization) 
effects make a greater contribution to the hydrogen-bond 
energy than the corresponding charge-transfer effects. This 
has led to the observation that the hydrogen bond is unique 
amongst short-range intermolecular attractions14.
1.4 HYDROGEN BONDING IN BIOCHEMICAL SYSTEMS
In 1960 Pimentel and McClellan4 wrote "it is hardly an 
exaggeration to say that in the chemistry of living systems 
the hydrogen bond is as important as the carbon-carbon 
bond'1 . Arnett et a_Z17 remarked that Mthe hydrogen bond 
occupies a special position, being strong enough to have a 
profound effect on the reactivity of a molecule engaged in 
it, yet weak enough to prevent conversion into other
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compounds. Hydrogen bonds have therefore occupied a key 
position in the interpretation of biophysical processes".
Today, it is well-known that hydrogen bonding plays a 
fundamental role in many biological systems. The functional 
structure of biological macromolecules, such as the 
secondary and tertiary structure of ‘proteins10 and the 
helical structure of BNA19, are preserved by hydrogen 
bonds; proton transfer via hydrogen bonds is an essential 
element of enzyme catalysis20; and hydrogen bonding is 
thought to be one of the major forces implicated in the 
recognition of agonists and antagonists by their 
receptors21'22. In view of these examples, it is not 
surprising to find an increasing interest in the hydrogen- 
bonding properties of biochemical models and 
pharmaceuticals.
Hydrogen bonding involving the amide linkage in 
proteins and peptides is clearly of particular interest. 
Several measurements of amide-amide and amide-water bonding 
have been made by Spencer23*24 and Graham and Chang25 ■2Si 
whilst Vingradov27 has reviewed the structural aspects of 
hydrogen bonding in amino acids, peptides, proteins and 
biological model systems.
Properties of nucleotide bases are also of obvious 
importance with respect to understanding the workings of 
DNA. In view of their biological significance, Zeegers- 
Huyskens and co-workers have published a series of 
papers28-33 investigating the hydrogen-bonding
characteristics of several polyfunctional heterocyclic
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bases. More recently, Meot-Mer34*36 has considered the 
relative hydrogen-bond donor strengths of several diverse, 
but biologically important, M-H acids. He concluded that 
the hydrogen-bond donors in the protein a-helix, enzymes 
and DMA all have an intrinsic acidity optimized for 
hydrogen-bonding strength, and that this property may be 
partly responsible for the natural selection of these 
molecules,
Rebek et al36 have determined hydrogen-bonding 
equilibria for systems that actually provide a realistic 
model for the interactions present in double-stranded 
nucleic acids. This work showed that a combination of weak 
intermolecular forces can result in a highly selective 
molecular recognition system. There has also been a number 
of theoretical studies on the specific hydrogen-bonding 
interaction between guanine and cytosine, which is thought 
to be partly responsible for the specificity of DMA 
replication. The work in this area has been reviewed by 
Schaad (ref. 8, p.105) but for the most part, calculations 
have been restricted to studies of the enhanced stability 
of this interaction compared to other nucleotide base 
pairs.
Although Kivinen et al37 have measured the hydrogen- 
bond donor ability of known pharmaceuticals, such as 
halogenated pyrroles, there has been relatively little work 
published which relates the hydrogen-bonding properties of 
a compound to its biological action. Ashnagar et al39 have 
indicated a possible relation between intramolecular
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hydrogen bonds and the activity of anthracycline antitumor 
agents, but the majority of interest has centred on the 
possible link between hydrogen-bonding properties and 
anaesthetic activity of halogenated hydrocarbons. Several 
studies have established this link, but there seems little 
agreement as to the explanation. For example, Sandorfy and 
co-workers have recently made both a theoretical39 and 
experimental40 study of the effects of anaesthetics on the 
M-H••0=C hydrogen bond. They proposed the "pluralistic 
theory" that a stongly active anaesthetic perturbs the 
hydrogen-bonded structure of the ion-channels on which the 
functioning of the nervous system depends. In contradiction 
however, Yokono et al*' concluded that acidic inhalation 
anaesthetics are more potent if they form weaker hydrogen 
bonds. Earlier work by Davies and co-workers42 had strongly 
suggested that it was nonspecific hydrogen bonding which 
determined the biological phase distribution and hence 
anaesthetic potency. The same authors went on to say 
"theoretical estimates of hydrogen-bond donor and acceptor 
capabilities of molecules may have a useful role to play in 
assessing, with reasonable accuracy, the nonspecific 
distibution of compounds in biological phases" thereby 
indicating the potential importance of hydrogen-bonding 
parameters.
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2 PRINCIPLES OF ACIDITY AND BASICITY
If a scale of hydrogen-bond basicity is to be 
constructed, it is important to be in a position whereby 
its possible relationship with other basicity scales can be 
explored. Thus, it .is necessary to have a comprehensive 
understanding of the various acid-base definitions and how 
each may be interpreted to yield qualitative and 
quantitative orders of acidity and basicity.
2.1 DEFINITIONS OF ACIDITY AND BASICITY
2.1.1 ARRHENIUS DEFINITION
Before the Arrhenius theory of electrolytic 
dissociation developed between 1880 and 1890, acids could 
only be classified in terms of rather general properties. 
The proposal of an acidifying species (e.g. Lavoisier first 
suggested that all acids contain oxygen although later Davy 
expressed the view that hydrogen was the essential element) 
represented a rather crude attempt to find a model for acid 
character without any undestanding of the processes 
involved. The new concept of ionization however, made 
possible the Arrhenius model of acid-base behaviour, i.e. 
an acid is any hydrogen containing compound which gives 
hydrogen ions in aqueous solution, and a base is any 
hydroxyl containing compound which gives hydroxyl ions in 
aqueous solution. The Arrhenius definition meant that a
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mechanistic understanding of acid-base properties was now 
possible and, for the first time, quantitative 
relationships could be determined.
2.1.2 PROTONIC DEFINITION
Despite the obvious success of the Arrhenius 
definition, two major shortcomings soon became apparent. 
Firstly, it limited all acid-base reactions to aqueous 
media and secondly, compounds not containing an hydroxyl 
group had been shown to have basic properties. Both of 
these objections were overcome in 1923 when Brznsted43 in 
Denmark and Lowry44 in England independently proposed that 
an acid is a species that tends to give up a proton, and a 
base is a species that tends to accept a proton. Implicit 
from this proposal is that an acid-base reaction involves 
competition for a proton by two different bases. It is 
therefore the ability to handle coupled acid-base systems 
quantitativly which marks the success of this definition.
2.1.3 SOLVENT SYSTEM DEFINITION
It is well-known that a neutralization reaction has the 
general form; acid + base -» salt + solvent. The protonic 
definition will, of course, suffice when such a reaction 
takes place in a protonic solvent <e.g. water or ammonia), 
however, it cannot account for an equivalent reaction in a 
nonprotonic solvent such as COClz, SeOClz or SO2 .
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Historically, a solvent system definition of acid-base 
behaviour predated the protonic definition, but it is best 
illustrated by the proposal of Cady and Elsey45 that an 
acid is a solute that, either by direct dissociation or by 
reaction with the solvent, gives the cation characteristic 
of the solvent, and a base is a solute that, either by 
direct dissociation or by reaction with the solvent, gives 
the anion characteristic of the solvent.
In the case of the solvent SOs», its characteristic 
cation and anion will be SO2*4" and SOa2-, respectively. 
Therefore a typical nonprotonic neutralization reaction in 
SO2  would be;
SOClz + Na2S03 -* 2NaCl + SO2  (2.1)
There is no doubt that the solvent system definition 
extends the realm of acid-base reactions to systems that 
previously had been ignored. However, it omits a large 
segment of typical acid-base reactions that had been 
included in the protonic definition, and for this reason 
cannot be considered to displace it.
2.1.4 LEWIS DEFIFITIOH
In the same year as the Bronsted-Lowry definitions, 
G. N. Lewis46 wrote a monograph entitled "Valence and the 
Structure of Atoms and Molecules" , in which he reviewed and 
elaborated the theory of the electron pair bond which he 
had earlier proposed in 191647.
In this monograph, Lewis recognized that acid-base
behaviour should ultimately reside in the molecular
structure of the acid or base itself, i.e. not in the
presence of a particular species, but in an analogous
electronic structure. On this basis, Lewis wrote that "a
basic substance is one which has a lone pair of electrons
which may be used to complete the stable group of another
atom, and that an acid substance is one which can employ a
lone pair from another molecule in completing the stable
group of one of its own atoms," This proposal led to the
unification of not only all the existing acid-base
c
definitions, but also inluded additional reactions, such as
A
the formation of a coordination compound. This versatility 
has ensured both the wide usage • and development of the 
approach, as reported by Jenson49 in 1978.
Despite its success however, the Lewis definition has 
still been open to criticism49. For example, as will be 
discussed more fully in section 2.2.2, there is no obvious 
quantitative way of constructing either a general Lewis 
acid or general Lewis base scale. Another weakness is that 
a conventional protonic acid (such as HC1 > is not strictly
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a true Lewis acid when in the associated form. Although an 
attempt has been made to overcome this difficulty using the 
indirect approach that the dissociation of a protonic acid 
is initiated by hydrogen-bond formation, nevertheless, it 
is still common practice to distinguish protonic and Lewis 
acids.
2.1.5 MISCELLANEOUS DEFIMITIONS
Although the protonic and Lewis definitions are the 
most widely used, there have been several other acid-base 
classifications. Of these, perhaps the most significant is 
the positive-negative definition of Usanovich50, which 
includes all previous definitions and, in addition, 
includes redox reactions as a special class of acid-base 
reactions. In support of the Usanovich approach, it must be 
admitted that it is the most general of all the definitions 
so far proposed; on the other hand, it has such a broad 
range of applicability .that virtually all chemical
reactions fall into the acid-base category.
\
Other acid-base definitions have added little to those 
fundamental principles which have formulated the approaches 
so far discussed. The donor-acceptor definition of Ebert 
and Konopik61 amounts to little more than a new 
nomenclature for the Usanovich system, and the Lux-Flood52 
definition for oxide reactions can be handled by either the 
Lewis or Usanovich definitions. Bjerrum53 made an attempt 
to merge the protonic and Lewis concepts by proposing that
a conventional Lewis acid be referred to as an antibase, 
but this merely represents a change in terminology. 
Finally, it is of interest to note that a quantum 
mechanical treatment of acidity and basicity has been 
developed by Mulliken54. Although much more sophisticated, 
it is essentially as inclusive as the Usanovich definition.
2.2 THERMODYNAMIC TREATMENTS OF ACIDITY AND BASICITY
2.2.1 PROTON TRANSFER ACIDITY AND BASICITY
a) Aqueous Proton Transfer
The best known and most widely used scale of acidity 
and basicity must surely be the aqueous pKa value. This 
scale is based on the protonic definition of acid-base 
behaviour and is simply equal to -log Ka, where Ka is the 
acid dissociation constant in water as follows;
Ka
AHaq + HzO A_aq + HsO^aq (2.2a)
BH^aq + HzO Baq + HsO^aq (2.2b)
The term acid may refer to a neutral acid, AH (as in 
equation 2.2a), or the conjugate acid, BH-*', of a neutral 
base, B (as in equation 2.2b). In this sense, information 
about both acid and base strength can be combined into a 
single scale (which is directly analogous to using pH to 
describe not only C HsO'*'] but also C 0H~] ) .
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The aqueous pKa value of a compound is often assumed to 
be a direct measure of its absolute acidity or basicity 
with respect to proton transfer. However, consideration of 
the thermodynamics of pKa measurement clearly illustrates 
that this is a misconception. By definition, pKa is a free- 
energy related quantity (AG° = 1.364.pKa kcal.mol-1), which 
can be conveniently resolved into enthalpy and entropy 
contributions (aH and AS are in no sense more fundametal 
than AG, but often help in the understanding of the overall 
process);
AG = AH - TAS (2.3)
The enthalpy term will be mainly dependent on the heat of 
desolvation of the undissociated acid and the heat of 
solvation of the dissociated ions. Similarly, the entropy 
term will be dominated by the different extents to which 
the undissociated acid and the dissociated ions either 
disrupt the structure of the water or impose further order 
upon it. This implies that the pKa value of a chemical 
substance is determined by a combination of solvation 
enthalpy and solvation entropy effects. Moreover, it is 
clear that pKa values measured in a different medium (e.g. 
the so-called dipolar aprotic solvents such as dimethyl 
sulphoxide or dimethyl formamide) may well follow a 
different order to the aqueous values.
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b) Gas-Phase Proton Transfer
It is now wel 1-establ ishedSB that low pressure, gas- 
phase protonic equilibria are totally free from solvation 
and steric effects and, as such, are the best measure of 
intrinsic proton-transfer acidity and basicity. Equilibrium 
constants for proton-transfer reactions in the gas phase;
AtH + A2“ ^  Ai ~ + .A2 H <2. 4a)
BiH- + B2 ^  B=H- + Bi <2. 4b)
were first measured by Bowers et alB& using the technique 
of ion-cyclotron resonance spectroscopy. These equilibria 
may be regarded as competition between two species for a 
proton and so make possible the quantitative measurement of 
relative gas-phase acidities and basicities. In order to 
formulate scales of absolute protonic gas-phase acidity 
(GA) and basicity (GB) defined according to equations 2.5a 
and 2.5b;
XH ^  X- + H- AG4 = GA(X) <2.5a)
X + H- ^  XH- AG° = GB(X) <2.5b)
the absolute value for at least one anchor compound in each 
scale must be established. In the case of the GA scale, 
this has been done for several compounds67 (including HC1) 
using results obtained from thermochemical and statistical 
thermodynamic data. Similar measurements69 on the NH.*— ion 
have been used to anchor the GB scale.
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Like pKa values, GA and GB may also be resolved into 
constitutive enthalpy and entropy contributions. It is 
apparent that the free energy of a gas-phase reaction 
differs from the enthalpy by only the standard entropy term 
for a free proton and the difference in entropy between a 
neutral species and the corresponding anion or cation. This 
contribution is small compared to aG° and is approximately 
constant for a wide range of compounds. Consequently, 
entropy contributions to AG° are small compared to AH° and 
differences in the gas-phase acidity or basicity reside 
almost entirely on AH’.
This accounts for the widespread use of proton affinity 
(PA) as an alternative gas-phase scale of acidity or 
basicity. Proton affinity was originally defined as the 
negative of the standard heat change when a base combines 
with a proton. It is therefore strictly a basicity 
parameter, but can be used as a scale of gas-phase basicity 
or acidity in much the same way that pKa is used to measure 
both acid and base strengths in solution. In the case of 
reaction 2.5b, PA(X) is a measure of gas-phase basicity of 
X and is equal to -aH°. The gas-phase acidity of a compound 
is measured as the proton affinity of its conjugate base, 
X-, i.e. for reaction 2.5a as written, PA(X~) = AH".
In 1974, Arnett et al'7 recommended that the gas-phase 
proton affinity should be the fundamental operational 
definition of basicity. Indeed, gas-phase thermodynamic 
data now form the basis for most methods which probe the
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intrinsic relationship between the acidity or basicity of a 
compound and its molecular structure56.
2.2.2 LEVIS ACIDITY AND BASICITY
a) The HSAB Principle
Unlike the protonic definition, the generality of the 
Lewis definition means it offers no immediately obvious way 
of formulating a scale of acid and base strengths. This 
problem is attenuated by the fact that it is well-known 
that both Lewis acids and bases may be further categorized 
as hard, soft or intermediate69.
The so-called Hard and Soft Acid and Base (HSAB) 
principle was first set out by Pearson60. It was originally 
devised to explain the experimental observation that large, 
polarizable metal ions form the most stable complexes with 
ligands having similar properties, whereas the smaller, 
less polarizable metal ions form the most stable complexes 
with small, nonpolarizable ligands.
Pearson was able to distinguish a soft base as "one in 
which the donor atom is of high polarizability and of low 
electronegativity and is easily oxidized or is associated 
with empty low-lying orbitals" , and a hard base was 
recognized as one with the opposite properties. A soft 
acid, on the other hand, was defined as having an acceptor 
atom of "low or zero positive charge, large size, and 
several' easily oxidized outer electrons", compared to a 
hard acid whose acceptor atom was distinguished by "small
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positive oxidation state, and the absense of any outer 
electrons which are easily excited to higher states". 
Pearson then went on to propose the rule that hard acids 
preferentially associate with hard bases and similarly, 
soft acids with soft bases. Some examples of hard, soft and 
intermediate acids and bases as classified by Pearson59 are 
presented in table 2.1.
Table 2. 1 Classified Examples of Hard, Soft
and Intermediate Acids and Bases
H a r d  A c i d s :  H", Na+ , Be2 + , Ng2 + , La3 + , BF3, AICI3, CQ2, N3* ,  SOs, HX (H-bond donors)
Intermediate Acids: Fe2*, Cu2+, Rh3\ B(CH3)3| R3C+, Sn2+, NO*, SQ2
Soft Acids: Cu+, Ag+, Pd2+, BH3| GaCb, CHa, carbenes, RS+, ICN, Bra, I2,
Hard Bases: NHa, RNH2, HaO, OH-, ROH, R2Q, CH3C0a-( N03-( PO^3", SO*2-, F-
Intermediate Bases: P h N H 2 , CsHsN, N2, NO2-, SOs2-, Br
Soft Bases: H-, CsHe, CN-, RNC, CO, SCN-, R3P, (R0)3P, R2S, RSH, I-
The HSAB principle has proved useful in rationalizing a 
diverse range of chemical phenomena (ref. 48, p.16); 
however, the hard and soft classifications are qualitative, 
or at best semi-quantitative, and can only predict which of 
two possible competing reactions will be the most 
favourable. The important underlying concept is that there 
cannot be a single-parameter scale of Lewis strengths but 
that a dual-parameter treatment is necessary. Pearson 
further clarrified this argument by suggesting a
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quantitative statement of the HSAB principle would be an 
equation of the form;
log K = SaSb + o'rtO'e (2.6)
where K is the equilibrium constant for the formation of a 
complex AB, and SB represent the intrinsic strength
factors for the acid and base, respectively, and cr is a 
hard-soft parameter (soft corresponding to a high value and 
hard to a low value).
b) Single—Parameter Enthalpy Scales
It has been recognized by Benoit and Louis61 that 
"basicity is an essential solvent property often used to 
account for the influence of the solvent on chemical 
phenomena". Indeed, the connection between solvation 
effects and Lewis behaviour has been emphasized by the 
proposal that the solvent effect on various physicochemical 
properties which are related to ion-solvent and ion-ion 
interactions depends directly on only two parameters, the 
Lewis basicity and the Lewis acidity of the solvent62. 
Therefore in view of the fact that solvation is one of the 
interactions subsumed by the Lewis definition, it is not 
surprising to find that attempts have been made to create 
single-parameter scales of solvent acidity and basicity 
(despite the limitations imposed by the HSAB principle).
In 1966, Gutmann et al63 proposed that a relative 
measure of solvent basicity is given by the enthalpy of
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reaction with an arbitrarily chosen reference acid. Using 
the term donlcity as a measure of the ability of a solvent 
to donate an electron pair, he defined the donor number 
(DU) as the -aH value for 1:1 adduct formation between 
antimony pentachloride and an electron pair donor solvent, 
D, both in dilute 1,2-dichloroethane solution according to;
:D(soln) + SbCls(soln) ^  D:SbCls(soln) (2.7)
This approach is subject to three major assumptions;
i) solvent basicity is modelled by solute basicity;
ii) entropy effects are constant and 1:1 adducts are 
formed (this was tested by plotting log K for 
equation 2.7 vs. DU);
iii) the relative order of base strengths established 
by the SbCls scale remains constant for all other 
reference acids.
Gutmann64 attempted to test the third assumption 
graphically, showing that for a series of donor solvents, a 
plot of -AH for 1:1 adduct formation with certain other 
reference acids versus DU was linear. Although the data for 
these relationships has been questioned13, nevertheless, 
the publicity given by the author has meant that DU is one 
of the most widely used empirical parameters of solvent 
basicity. Even so, its success ultimately relies on the
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ability of the reference acid to model the hard-soft 
character of the system to which it is applied.
Mayer, Gutmann and Gerger65 later introduced an 
acceptor number (AU) scale for the correlation of solute- 
solvent interactions in acidic solvents. It is based on 
31P nmr solvent shifts (relative to hexane) of Et3PO in 
bulk acceptor solvents at infinite dilution. The usefulness 
of this scale is also subject to the important requirement 
that the measuring system must be good model for the chosen 
application.
More recently, Maria and Gal66 have discussed some of 
the conceptual and experimental failings of the DU scale. 
They have proposed another empirical parameter of Lewis 
basicity defined as the -AH° for the reaction between 
gaseous boron trifluoride and the Lewis base, B, diluted in 
dichloromethane solution, according to;
jB(soln) + BF3 (g) ^ B : B F 3 (soln) (2.8)
Maria and Gal have shown that their -aH°(BF3) scale is not 
linear with thermodynamic data measured against either I2  
as a particularly soft reference acid or 4-fluorophenol as 
a particularly hard (or hydrogen-bonding) reference acid, 
and that recourse to a dual parameter treatment is 
necessary. This marks an important step forward as an 
attempt to quantify the hard-soft character of the 
reference BF3 acid as well as its relative strength
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c> Theoretical Treatments
In an attempt to treat the spectra of charge-transfer 
complexes <a weak Lewis adduct), Mulliken67 initiated the 
quantum mechanical approach to the Lewis concept with the 
proposal that the wave function for a 1:1 adduct can be 
approximated as;
= ay°(AB) + by-i (A“B—) (2.9)
where y°(AB) represents the system in the absence of charge 
transfer, but subsumes any electrostatic interactions 
between A and B (including polarization effects), and 
y!(A-B—) represents the system after the net transfer of 
one electron from the base B to the acid A. The actual 
state of any AB complex involving an intermediate stage of 
eletron donation can be approximated by varying the ratio 
of the weighting coefficients (a2:b2) for these two extreme 
structures.
By applying second-order perturbation theory to wave 
function 2.9, Mulliken was able to derive an equation which 
showed that roughly speaking, the overall energy of a 
complex can be approximated as the additive sum of an 
electrostatic energy term and a charge-transfer or covalent 
energy term.
In 1967, Hudson and Klopman68 used pertubational MO 
theory (PMO) to reach essentially the same conclusion; i.e. 
that for donor-acceptor reactions, the initial change in 
the energy of the system upon incipient adduct formation is
-  34 -
approximated by the sum of two energy contributions 
according to the expression;
_ ^sC^T t  2E oec ,5! unoc c . (C s MCt N]3s T ) 2 ( 2 1 0 )
E s t £ (Em * _ E n *)
This is usually referred to as the Klopman reactivity 
equation where the meaning of the individual terms are as 
follows;
S donor atom on base B
T acceptor atom on acid A
M donor orbital on base B
N acceptor orbital on acid A
q® total net charge density at donor atom S
q-r total net charge density at acceptor atom T
R s t distance between S and T
e dielectric constant of the solvent
Eocc sum of occupied orbitals M of base B
Zunocc sum of unoccupied orbitals N of acid A
csM coefficient of donor orbital M at atom S
ctn coefficient of acceptor orbital M- at atom T
|3s t resonance integral between S and T at R s t
Em* energy of donor orbital M in the field of acid A
corrected for any solvation effects accompanying 
the removal of an electron.
Em* energy of the acceptor orbital N in the field of
base B corrected for any solvation effects 
accompanying the addition of an electron.
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Again it can be seen that the first energy contribution 
of the Klopman equation is electrostatic in nature, 
depending on the net charge densities, radii of the donor 
and acceptor atoms and the dielectric constant of the 
medium. The second contribution is covalent in nature and 
is a function of the overlap, symmetry and energies of the 
donor and acceptor orbitals as modified by the solvent 
medium.
Frequently, those molecular properties which maximize 
the electrostatic contribution are mutually exclusive of 
those which maximize the covalent contribution. On this 
basis, Klopman suggested that donor-acceptor reactions can 
be divided into the categories of "charge controlled" and 
"orbital controlled".
It is at this stage worth considering a possible link 
between experimental observation and the theoretically 
derived Klopman model. An examination of the properties 
used to classify hard and soft species implies that soft 
species have a high probability of initially interacting 
via short-range, orbital perturbations. On the other hand, 
this covalent-type interaction will be much less favourable 
for hard species, so these will have to interact primarily 
via long-range electrostatic forces. Thus, it is not 
unreasonable to equate softness with the orbital control 
term and hardness with the charge control term. Indeed, the 
Klopman equation has been repoprted as the most successful 
theoretical rationale of the HSAB principle (ref. 48,
p.18).
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2.2.3 HYDROGEH—BOHD ACIDITY AMD BASICITY
Hydrogen-bond formation is often considered a good 
model for the transition state leading to proton transfer. 
In proton-transfer reactions however, strong bonds are 
broken and made, and charges are created and neutralized. 
Therefore as shown by Arnett et al13, scales of proton 
transfer cannot be generally applied to hydrogen bonding.
A better descriptor of hydrogen bonding is perhaps the 
Lewis definition, particularly since hydrogen-bond donor 
molecules have long been regarded as hard Lewis acids59. Of 
all atoms, it is the hydrogen atom which best fits the 
qualitative criteria for hardness as set out by Pearson. In 
contrast however, it has already been pointed out (see 
section 1.3) that hydrogen-bond formation may be a special 
type of donoi— acceptor interaction in having a predominance 
of polarization effects over charge-transfer effects. 
Consequently, at this stage the applicability of both the 
Klopman reactivity equation and the Lewis scales to
hydrogen bonding is questionable.
For the above reasons, it seems likely that a
quantitative ordering of hydrogen-bonding ability is 
unlikely to correlate with other acidity and basicity
scales. A more detailed look at the relationships between
the various basicity scales are presented in section 5.4.
Many papers have been published in which equilibrium or 
enthalpy data for specific hydrogen-bonding interactions 
have been reported <ref. 8, Appendix). Nevertheless, there
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have been relatively few attempts to use such data to 
construct a general scale of hydrogen-bond acidity or 
basicity.
a> The pKhb Scale
In 1969, Taft et al69 were probably the first workers 
to establish a scale of solute hydrogen-bond basicity. It 
was defined as pKm3 = log KPFp, where K,=f-f* is the 
equilibrium constant for 1:1 complex formation of a base 
with 4-f luorophenol in tetrachloromethane <CC1.*> ;
CC1*
4-FCgIUOH + B ^  4-FCeIUOH- • -B <2.11)
Some generality was attributed to this scale by the 
demonstration that there existed a linear relationship 
between the log K p f p  data (as measured by Gurka and Taft70 
using an 19F nmr technique) with corresponding equilibrium 
measurements reported for other 0-H reference acids in 
dilute CC1.* solution. This defined a number of linear free- 
energy relationships <LFER’s> of the form;
log Kf = m(pKnB ) + c <2. 12)
where m and c characterize a particular reference acid and 
log Kf is the 1:1 hydrogen-bond formation constant of the 
base, B, with that acid in CGI.* solution.
By using literature data in conjunction with such 
relationships, the original scale was extended to include
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117 different bases representing 16 different functional 
groups. However, as will be discussed in section 5.1, it 
was soon found that pKine was by no means linear with log Kf 
values measured against all reference acids and, as such, 
this scale could not be completely general. Unfortunately, 
the extent of any generality was never really established 
and interest in the scale declined.
b) Single-Parameter Enthalpy Scales
Sherry and Purcell71*72 attempted to create a general 
scale of hydrogen-bond acidity, a**, and basicity, j3o, based 
on the assumption of a constant ratio of enthalpy values 
for complexation in CCIa between different reference acids 
and bases. For 2,2,2-trifluoroethanol (TFE), the value
was taken to be unity, whereas for other acids, oc#* was 
defined as the mean value for the ratio a H / a H t f e  summed 
over all available reference bases. The J3s value for a base 
was thus defined as the slope of a plot of -AH versus a* 
for a series of reference acids. The following equation;
-AH = ctAjBe <2. 13)
was proposed as a method of predicting hydrogen-bond 
formation enthalpies. However, table 2.2 shows that there 
is little agreement between relative pKnB and values.
Table 2.2
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Comparison of pKHB and £e> Values 
P K h b 69 P b 71Base
acetonitrile 
acetone 
diethyl ether 
N, JlF-di methyl ace t amide 
pyridine 
triethy1amine
1. 05 4. 35
1. 18 5. 05
0. 98 5. 10
2. 38 6. 37
1. 88 7. 82
1.91 8. 82
Terent'ev73 has derived an equation directly analogous 
to that proposed by Sherry and Purcell;
-AH = aH^AHb <2.14)
The phenol-pyridine adduct was used as the reference in 
generating the constants, aHa and aHb , from available 
literature data.
c) The Drago Equation
In 1965 Drago and Wayland74 developed a novel approach 
by treating hydrogen-bonding interactions within the 
general class of Lewis acid-base reactions. They proposed a 
four-parameter equation for predicting the gas-phase (or 
poorly solvating medium) rection enthalpy of a Lewis base 
with either a hydrogen-bond donor or a classical Lewis 
acid;
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-AH = E«Eb + C«CB <2.15)
The acid, A, and base, B, are each characterized by two 
independent parameters; an E value which is a measure of 
their susceptibility to participate in electrostatic 
bonding, and a C value which is a measure of their 
susceptibility to participate in covalent bonding. Both E 
and C values are derived empirically to give the best least 
squares fit of experimental enthalpies for the largest 
possible number of adducts. A self-consistent set of E and 
C parameters have been calculated from a data base of about 
500 experimental enthalpies, and values are currently 
available for 45 acids and 48 bases75. Most of the acids 
are, however, Lewis acids rather than hydrogen-bond donors.
The Drago approach was originally justified by 
appealing to Mulliken's theoretical study of donor-acceptor 
reactions (see section 2.2.2). Strictly speaking however, 
it is now recognized46 that the Klopman reactivity equation 
(which refers to the change in energy upon adduct 
formation) more closely parallels the Drago equation.
It would seem reasonable to expect the E/C ratio for 
any acid or base to be a quantitative measure of its 
hardness. However, it is interesting to note that if 
Drago's values76 were used in this fashion, the ordering 
would by no means be entirely consistent with that laid out 
by Pearson59.
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d) Solvatochromic Parameters
To date, the most extensive scales of hydrogen-bond 
acidity (a value) and basicity <j3 value) are those devised 
by Kamlet and Taft and their co-workers76-77. Although some 
solute basicity properties, such as pKMB, have been 
incorporated into the j3 scale, both <x and j3 scales 
predominently make use of the chromophore electronic shift 
of a reference indicator in a bulk solvent and are 
therefore not of strict themodynamic origin.
It is assumed that the enhanced solvatochromic shift of 
a hydrogen-bonding indicator relative to a nonhydrogen- 
bonding indicator is an intrinsic measure of the hydrogen- 
bonding ability of a solvent. An additional solvatochromic 
parameter, tt3*, has been defined as a measure of the ability 
of a solvent to stabilize a charge or dipole by virtue of 
its dielectric effect70.
These parameters have proved extremely successful in 
the correlation of a large number of chemical and 
biochemical phenomena79. However, there are several 
objections to using a and J3 values as a scale of 
substituent hydrogen-bonding ability. The most important of 
which is that the scales relate to the properties of a bulk 
solvent as opposed to the monomeric solute.
For unassociated liquids however, it has been shown76 
that £ correlates quite well with pKwe, although it should 
be noted that pKwe is one of the additional parameters used 
to set up the original J3 scale. As a first approximation, 
the original J3 scale might be considered as appropriate for
-  42 -
monomeric solutes (i.e. solutes as monomeric species in 
solution). However, even in these cases, there are a number 
of complications. Firstly, since J3 is obtained through 
spectrophotometric measurements on bulk liquids, values of 
3 cannot be determined for solid compounds. This is a 
considerable disadvantage bearing in mind that most complex 
molecules of interest to the pharmaceutical and medicinal 
chemist are indeed solid. Secondly, it has recently been 
established80 that although solvent and solute j3 values are 
reasonably well-correlated for nonassociated liquids, there 
are a sufficient number of discrepancies to render the 
interconversion of the scales quite hazardess. Finally, 
Bdcolet and Laurence81 have demonstrated that the 
methodology used to obtain solvent 13 values is less 
sensitive and less reliable than previously anticipated.
The position is more straightforward in the case of oc 
values. All componds having a significantly large ot value 
must exist as the associated species in the bulk liquid and 
so there can be no possibility of using solvent a values to 
construct an a. scale refering to monomeric solutes.
Kamlet and Taft82 have now recognized that a. and J3 
solvent values for associated bulk liquids cannot be 
applied to the corresponding monomeric species, but have 
still continued to use solvent J3 values for unassociated 
liquids as the basis of their "solute" j3 scale.
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3 COffSTRUCTIOff OF A SCALE OF HYDROGEff-BOHD BASICITY
3.1 THE HEED FOR A SCALE OF HYDROGEff-BOHDIffG BASICITY
3.1.1 QSAR - THE EXTRATHERMODYffAMIC APPROACH
The correlation of molecular structure with biological 
activity is at the centre of modern medicinal chemistry.
Crum-Brown and Fraser83 first proposed more than 100 
years ago that the physiological action, 0, of a molecule 
was a function of its chemical constitution, C, such that;
0=f(C> (3.1)
This represented a rather tentative beginning to the idea 
of structure activity relationships (SAR) because at this 
stage no values could be assigned to either the left or 
right-hand side of the equation.
Development of SAR was slow, although certain parallels 
between narcotic activity and structural features such as 
the number of carbon atoms, or physical property features 
such as oil-water partition coefficients had been noticed 
by the turn of the century.
The origins of a quantitative approach to structure 
activity relationships (QSAR) can be traced to the linear 
free-energy formalism of L. P. Hammett84, who observed that 
equilibrium and kinetic processes for many meta- and para-
substituted aromatic compounds showed a linear, additive 
dependence on substituent changes. Substituent effects in 
such reactions are electronic in nature, and Hammett was 
able to define a scale of the electronic influence of a 
substituent from fitting the general equation;
log K(subs. compd. ) = log K (parent compd. ) + po- (3.2)
where K is an equilibrium constant or reaction rate; o' is a 
substituent constant related to the electronic effect of a 
particular substituent relative to hydrogen; and p is a 
reaction constant related to the sensitivity of the process 
to such electronic effects (arbitrarily defined as unity 
for the aqueous dissociation constant of benzoic acid).
In the 1950’s, Taft8B greatly extended Hammett’s ideas 
by formulating a similar numerical scale for aliphatic 
electronic effects and also a steric parameter, Es.
A number of workers attempted to correlate the Hammett 
and Taft substituent parameters with the effect on the 
biological properties of substituted molecules. This led to 
the extrathermodynamic method of drug design, so called 
because although the Hammet and Taft equations refer to 
thermodynamic quantities (aG or log K values) , the idea 
itself is not a consequence of any thermodynamic principle.
The Hansch school of workers greatly advanced the 
extrathermodynamic method during the 60’s. Fustrated by the 
failure of Hammett <r values to predict the relative potency 
of some plant-growth inhibitors, Hansch et alQ& discovered
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the relevance of the octanol-water partition coefficient, 
P. It was later demonstrated that the change in log P 
brought about by substitution is characteristic of the 
substituent and reasonably predictive. Fujita et al87 then 
appplied Hammett's free-energy formalism in defining a 
substituent hydrophobic parameter, m, as follows;
-JT = log P<subs. compd.) - log P (parent- compd.) (3.3)
It was now known that a substituent produces three 
major changes in the physical properties of a molecule; 
electronic, steric, and hydrophobic. The effect of a 
substituent on the biological properties of a molecule was 
thus postulated by Hansch to be the result of the change to 
some or all of these properties. It was further assumed 
that the influences of these properties on biological 
activity (as measured by 1/c where c is the molar dose 
required to produce a specified response) are independently 
additive. These assumptions formed the basis of the 
proposal of the classic Hansch equation, which is a 
straightforward example of a LFER;
log 1/c = a. + J3tt + Ytc2 + p<y + tfEs (3.4)
This equation is often fitted by standard multiple 
regression to generate the coefficients (a,S,V,p and S') of 
the various structure/property parameters.
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Hansch08 was able to further justify this approach by 
proposing a physicochemical model of how drugs may act. In 
essence, the terms in the equation were each accounted for 
by considering drug action as a series of equilibria;
aqueous enviroment receptor compartment
Ka P Kr
DH^aq D°aq D° D • ■ • R
The neutral drug, D°, partitions from a predominently 
aqueous enviroment to a receptor compartment. This step is 
related to the hydrophobic property of the drug and is 
modelled by P. Hansch originally proposed that the relation 
of activity to the hydrophobic term may be linear (i.e. Y 
is zero) but will generally be parabolic. The parabolic 
depedency was clasically interpreted as reflecting the 
transport process through numerous aqueous and nonaqueous 
compartments (lipid barriers or cell membranes), the so- 
called random walk process.
It is well-recognized that most biologically active 
molecules are at least partially ionized at physiological 
pH values and, moreover, that molecules pass through 
membranes as the uncharged species only. Protonation will 
thus reduce the concentration of D° available for 
partitioning. This is characterized by the conjugate acid 
dissociation constant, Ka, which will depend almost 
exclusively on o'.
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The affinity of D° for the receptor is characterized by 
the equilibrium binding constant, Kr, which may in turn 
depend on hydrophobic, electronic and steric repulsion 
factors (i.e. K r  is a function of m, o' and Es) .
This model appealed intuitively to the physical chemist 
and biochemist alike which, together with many supportive 
correlations, ensured the success of the Hansch approach.
3.1.2 HYDROGEIT-BOBDIJTG SCALES IF RELATION TO QSAR
The early success of the extrathermodynamic method of 
drug design has resulted in its continued development by 
both the Hansch school and many other workers converted to 
the approach.
Given a set of data suitable for the application of 
QSAR, one may approach the formulation of LFER equations in 
two ways. The first is the pattern recognition or 
chemometric method. This involves entering values for many 
different physicochemical properties and/or structural 
parameters and seeking correlations between such parameters 
and biological activity. The parameters may be taken singly 
or in combinations and may include power terms. By this it 
is likely that several good LFER correlations will be found 
and so one difficulty of this method is to interpret the 
result without contravening established biological and 
chemical principles". The second method is to set up a 
LFER consistent with some proposed physological model and 
then to test it by assigning appropriate poperties or
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parameters indicative of drug structure. By this method the 
LFER represents a mathematical test of a reasoned 
hypothesis.
Both these techniques have been used to develop many 
new structure/activity equations and suppportive models90. 
For example, observed nonclassical act!vity-hydrophobicity 
relationships have been interpreted in terms of more 
complex transport mechanisms and hydrophobic binding 
properties. More importantly, applying these techniques has 
meant that several new structure parameters have been 
incorporated into QSAR, such as the molecular connectivity 
descriptor developed by L. B. Kier91.
Although hydrogen bonding is accepted as a major 
binding process in proteins (fragments of which constitute 
a receptor compartment), nevertheless, specific hydogen- 
bonding parameters have not been generally used in QSAR. 
There are probably two main reasons for this apparent 
inconsistency. Firstly, any hydrogen-bonding scale 
applicable to QSAR must be both large and versatile enough 
to include a considerable number of biochemical models 
which are of interest to the drug designer. No such 
suitable scale currently exists in the literature. 
Secondly, it is well-known that the relative hydogen- 
bonding donor and acceptor abilities of closely related 
systems depend upon substituent electronic effects and, in 
addition, it is thought92 that the log P parameter of a 
drug will often characterize the hydrophobic binding to the 
receptor. Therefore a common assumption is that the drug-
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receptor binding process is incorporated into both the 
hydrophobic and electronic termsm, so making a specific 
hydrogen-bonded model unnecessary.
Closer inspection of the drug-receptor model, however, 
reveals that this second assumption may not always hold. 
For example, the preferred site of proton transfer on a
molecule may not be the same as the preferred site of 
hydogen bonding. In this case, the <r parameter required to 
characterize the effect on Ka will not be the same as that 
required to characterize the effect on KR. Furthermore, a 
substituent on a drug molecule may itself be involved in a 
specific hydrogen bond to a receptor. In both cases, the 
classical Hansch equation breaks down and a modification is 
needed to include a substituent hydrogen-bonding parameter.
The need for scales of hydrogen-bonding can be taken
still further. A medicinal chemist, having exhausted the
possibilities represented by a given QSAR, is often 
required to search for step Jumps, i.e. molecular 
modifications that raise the predicted activity by an order 
of magnitude or more. While these may arise from diverse 
causes, one obvious possibility is the creation of a 
potential site for a well-matched hydrogen bond. It would 
therefore be useful to be able to identify groups with
similar hydrogen-bonding properties.
Recently published work by Morris, Hughes and Taylor93 
demonstrated the use of hydrogen-bonding parameters in the 
QSAR of nonsteroidal anti-androgens. It is encouraging to 
find that for these componds, a relationship between
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potency and hydrogen-bond donating ability has been 
established.
The main objectective of this work therefore, is to 
formulate a suitable scale of substituent hydrogen-bond 
acceptor ability in the hope that its potential as a new 
parameter in QSAR may be realized.
3.2 REQUIRED QUALITIES OF A SCALE
The literature already contains numerous experimental 
measurements of hydrogen-bond parameters that can be used 
to devise a basicity scale. However, the usefulness of th£sG, 
data needs to be completely evaluated before undertaking an 
experimental programme. Therefore in the first instance, it 
is intended to construct a scale of hydrogen-bond basicity 
exclusively from published data.
There are several qualities or criteria which the 
proposed scale of hydrogen-bond basicity should fulfil;
i) the scale should satisfactorily predict available
literature data;
ii) the scale should be generally applicable to all
(or most) hydrogen-bonding interactions;
iii) it should be relatively easy to introduce
additional compounds to the scale when and if 
suitable data becomes available;
iv) the scale should be single parameter;
v) the scale should be thermodynamically related.
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With the exceptiion of v) , these criteria are fairly 
obvious requirements of any well-planned scale. However, 
the reason for having a thermodynamic basis to the scale 
needs further justification.
The main advantage of constructing a thermodynamically 
related scale is that the values can be directly defined in 
terms of a chemical process, such as an enthalpy change or
Can equilibrium constant. On the other hand, a spectrosopic
Crelated property (such as a spectrosopic shift) is less
easily interpreted and is therefore of more limited use.
Indeed, a possible use of a thermodynamic scale would be to
oexplore possible relationships between spectroscpic and
A
thermodynamic quantities.
Initially, the question of the the most suitable 
thermodynamic parameter on which to base the scale needs 
consideration. This decision could be critical; for 
example, it has already been pointed out in section 2.2.2 
that Sherry and Purcell’s enthalpy related J3b scale does 
not agree particularly well with Taft's free-energy related 
PKmb scale. Although this may reflect more than just 
experimental error (as will be discussed later), it cannot 
be denied that a major problem in constructing a 
literature-based enthalpy scale would be the reliability of 
the reported data itself.
Most of the enthalpy data reported for hydrogen-bonding 
interactions has been obtained by the temperature variation 
of spectrometrically determined equilibrium constants (the 
so-called van't Hoff method). The difficulty of obtaining
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reliable thermodynamic information from this method is 
well-known94. For example, the instrumentation often limits 
measurements to a relatively narrow temperature range 
(<30*C), and since reaction enthalpies are only about 
5 kcal.mol-1 , the actual variation in the measured 
equilibrium constants may be less than experimental error. 
Furthermore, it is rare to find that more than two or three 
equilibrium measurements have been made over the entire 
temperature range. King95 has shown that even equilibrium 
constants obtained from careful spectrometric studies can 
propagate errors in enthalpy changes far in excess of those 
usually estimated and reported.
It is not surprising to find that several authors have 
been able to highlight some large discrepancies between 
published enthalpies of hydrogen bonding4'0'96*97-90. Thus, 
although the reliability of equilibrium data has also been 
questioned96, it cannot be denied that it is more suited to 
constructing a literature-based scale by comparison.
Another disadvantage of constructing an enthalpy 
related scale is concerned with solvation effects. Owing to 
difficulties arising from any self-association of the 
interacting species, virtually all thermodynamic 
measurements on hydrogen-bond complexations have been made 
in dilute solution. The solvents employed are typically 
hydrocarbons or halogenated hydrocarbons, and are usually 
reported as being 'inert'. This term means that although 
the solvent will not form specific hydrogen bonds with the 
solute species, it may still interact nonspecifically via
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dipolar and van der Waals attractions. Except for a limited 
number of studies, the importance of these interactions on 
the thermodynamics of hydrogen bonding has largely been 
overlooked.
Drago and Nozari99'100 realized the difficulties of 
obtaining suitable enthalpy data in certain solvents. They 
descibed an 'elimination of solvent procedure' <ESP) for 
relating enthalpies of hydrogen-bond formation in polar 
solvents to solvation minimized data for nonpolar solvents, 
such as hexane. The purpose of ESP is to obtain enthalpies 
of interaction that are consistant with those predicted via 
the Drago equation (section 2.2.3, equation 2.15). The 
investigators have claimed its general success, but caution 
the application to new systems. However, the need to resort 
to such a procedure emphasizes the limitations of the Drago 
equati on.
Spencer and co-workers90’101'102 have made a specific study 
of solvation effects on the thermodynamics of hydrogen- 
bonding. They measured reaction enthalpies and formation 
constants in cyclohexane, tetrachloromethane and benzene, 
showing that these parameters are strongly influenced by 
solvent. A reference compound method was used to estimate 
the enthalpy of nonspecific interactions at the solute 
binding site. This led to the proposal of a simple 
enthalpic model of solvation effects, whereby the solute- 
solvent interactions occuring at the complex binding sites 
must be overcome before the complex itself can be formed.
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Abraham et al103'104 have recently looked at the
r
complexation of i^-methylpyrrolidinone with vaious hydrogen-
A.
bond acids in the polar solvent 1,1,1-trichloroethane
(TCE). It was found that this system shows anomalous AH 
Sverus AG correlations within families of acids, and that 
A
this behaviour was predominently due to lower than expected 
-AH values for the stronger activated acids. It was further 
shown that the system behaves normally when CCl*, a poorer 
solvating medium, is used instead of TCE. It was concluded 
that AH is much more sensitive to solvation effects than 
aG, and a solvent-participation model in which both 
solvation enthalpy and solvation entropy effects are 
important was offered as explanation. Consequently, it was 
recommended that free-energy rather than enthalpy values be 
used to construct a solute scale of hydrogen-bonding 
ability.
A final argument for a scale based on free energies 
rather than enthalpies is concerned with its possible 
application to QSAR or LFER studies. It has been shown that 
these are invariably related to free-energy or equilibrium 
processes; for example, the distribution of a drug between 
two phases; the binding of a substrate molecule to a 
receptor site; and the biological toxicity or activity of 
compounds (as expressed by the Hansch equation 3.4). There 
can therefore be little doubt that a free-energy related 
scale will be of much more use to the biochemist and the 
medicinal chemist alike than a scale based on enthalpies of 
hydrogen-bond complexation.
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3.3 FORMULAT13TG A FREE-EFBRGY RELATED SCALE
3.3.1 THE LFER PRIITCIPLE
It is reasonable to assume that a free-energy related 
scale of hydrogen-bonding ability for a series of hydrogen- 
bond acceptors (bases) can be defined in terms of the free- 
energy change on 1:1 hydrogen-bond formation with the same 
hydrogen-bond donor (acid) in the same inert solvent. This 
assumption is expressed in terms of the equilibrium;
where B is the base, A-H is the reference acid and the 
solvent is neither a hydrogen-bond acceptor or donor.
As it stands, AG° only determines the hydrogen-bond 
basicity of B with respect to the given donor and solvent. 
This value can only be used to define the position of B in 
a general scale, however, if the relative AG° values for a 
series of bases are independent of the acid/solvent system 
used as reference. In other words, for a general scale to 
be constructed sets of aG° values for different 
acid/solvent systems must be linearly related (i.e. the 
linear free-energy formalism must apply to hydrogen-bonded 
systems) . Indeed, this LFER principle is the underlying 
concept of any free-energy related scale
A-H + :B A-H-•-B aG° = -RT.In Ke (3.7)
solvent
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The simplest method of creating a scale is to choose an 
acid/solvent system (or set) to be used as reference and to 
measure equilibrium constants for a large number of bases. 
The available literature data can then be used to test if 
the LFER principle applies to other reference sets. This is 
exactly the methodology used by Taft et al69, whereby the 
reference set 4-fluorophenol/CC1* was used to define the 
pKHB scale (see section 2.2.3). A disadvantage of this 
method, however, is that the scale position of a base is 
determined only by a single equilibrium constant.
An alternative method is to attempt to incorporate all 
the available equilibrium data for a base into an optimized 
scale position. This second method has the added advantages 
that it can make use of all existing data and, at the same 
time, demonstrates to what extent the scale is general.
3.3.2 DATA HAHDLIFG
In order to formulate an optimized-type scale, it is 
first necessary to enter the published log K° values into a 
data base. This has been done via a matrix format of which 
a segment is represented schematically in figure 3.1.
As data cxre compiled from the literature, more bases 
(rows) and reference sets (columns) may be added to the 
data matrix. It was decided somewhat arbitrarily that a set 
should contain a minimum of ten measured bases. The final 
dimensionality of the matrix (39 reference sets by ^600 
bases) means that for the overwhelming majority of matrix
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postions, no input log K° value is currently available. 
Indeed, if this were not so there would be little need for 
such a scale in any case. Of course, if the LFER principle 
holds for all reference sets, then a log K° value can be 
predicted for all possible positions.
Figure 3.1 Schematic Representation of the Data Matrix
Base
Acid/Solvent Reference Set
I II III IV V VI ....
1 * * * *
2 * * * * *
3 * * * *
4 #
5 * * * * *
6 * *
7 # *
8 * * *
9 *
10 * * * * *
11 #
12 * * *
•
^600
♦ denotes an inputted log K° value taken from the literature.
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3 . 3.3 DEFIFITIOfir OF THE log K? SCALEa
It has been reasoned that the data matrix may be used 
to generate an optimized-type basicity scale if the 
reference acid/solvent sets obey the LFER principle. In 
other words, if n sets in the data matrix are correlative 
(in terms of a satisfactory LFER), then n linear equations 
may be generated;
The slope, L«, and the intercept, D«, of a given linear 
equation characterizes that particular set whilst the 
log Km b parameter characterizes the hydrogen-bonding 
ability of a base.
A computer program <RG) is used to regress the data 
matrix into the form represented by equations 3.8a->n. This 
procedure minimizes the overall standard deviation of a 
predicted log K° from the corresponding inputted data and 
thus generates the optimum values of L<=», D** and log Km b ,
i.e. those which give the best reproduction of the data 
matrix.
This operation can only be applied to bases that have 
data entered in at least two sets (so-called multiple data- 
entry bases). The single data-entry bases (i.e. those bases
(3.8a)
Lp, .log K?? +n ° B n (3.8n)
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represented by no.s 4, 9, and 11 in Fig. 1) must therefore 
be omitted from the regresion procedure. Nevertheless, once 
the optimized linear equations have been generated, these 
bases may be assigned secondary log Km b values.
The minimization calculation requires two initial 
estimations of log KMB in order to anchor the scale. These 
are chosen such that log Kmb is equal to the predicted 
log K e value for the 4-fluorophenol/CC1a set (i.e. for this 
particular reference set La =1 and D#*=0) . By anchoring the 
scale in this way, it means that a log KMe» value will be 
approximately the same as the corresponding value of pKM©. 
This may prove useful in the future, because it is known 
that Laurence and co-workers are currently undertaking an 
experimental programme to greatly extend the pKHB scale.
3.3.4 DATA SELECTION
In their review, Murthy and Rao'0S compiled the majority 
of the thermodynamic data for hydrogen-bonding interactions 
measured prior to 1968. Joesten and Schaad® updated this 
compilation and presented data published between 1960 and 
1974. Although these compilations have proved invaluable in 
setting up tha data matrix, some critical errors have been 
found and so where possible, the original data is checked 
at source before being entered in the matrix. Additional 
data published post-1974 has been identified using 
conventional searching techniques.
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One difficulty of relating equilibrium data from
different sources is that values are often quoted at
nonstandard temperatures and may even refer to different
concentation scales. This is overcome by correcting all 
K
equilibrium constants to standard values on the molar scale 
and to 25 °C using the equation;
log K° = -AHCkcal mol“l>. C 0. 003554 - 1/T1 + log KT (3.9)
4.58 x 10“3
where K-r denotes a nonstandard equilibrium constant 
measured at absolute temperature T. When available, the AH 
value used is that reported in the paper itself, otherwise 
a value is obtained from a different publication, or in 
many cases, is estimated.
Hot surprisingly, it is often found that more than one 
log K° value exists in the literature for exactly the same 
hydrogen-bonding interaction (so-called overlapping data). 
This causes a problem because the matrix format only allows 
one input value per equilibria. In some cases, averaging of
the values is not appropriate and it is felt that a more
suitable solution is to enter the esimated 'best' value 
from the alternatives reported. Thus, there is a necessity 
to be able to compare and select data objectively which 
often needs consideration of several factors, including;
i) the range and agreement of the overlapping data;
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ii) the estimated reliability of the data, as judged 
from the year of publication, the method used, 
the reputation of the workers as well as any 
information contained in the paper itself;
iii) the total amount of data contained in the 
publication which can be entered in the matrix.
The final point is important because ideally speaking, the 
matrix should contain the maximum amount of data from the 
minimum number of reference sources.
The phenol-pyridine complexation in tetrachloromethane 
has probably been the most widely studied hydrogen-bonding 
interaction, and may therefore serve to exemplify the data 
selection procedure. Temperature corrected equilibrium data 
reported for this reaction are presented in table 3.1.
Firstly, it is immediately apparent that all the values 
listed cover a relative narrow range, suggesting that all 
the different methods are reasonably reliable. Choice of 
data is therefore based on the third criteria.
Hopkins et al106 measured a number of pyridines in 
phenol/CCl*, but although this was relatively recently, 
their value for pyridine itself appears marginally low. 
Arnett et al17 have also measured many hydrogen-bonding 
equilibria, but the chosen result is that measured by 
Gramstad107. In a series of publications (see 
ref. 8, Appendix), Gramstad and co-workers have measured a 
very extensive range of equilibria, much of which have 
already been entered in the matrix. In addition, their
value is near the centre of the range and closely matches 
the values reported by several other workers.
Table 3.1 Equilibrium data for the Phenol-Pyridine 
Association in Tetrachloromethane
Reference Method K*
N. Fuson et al, 1958 C108] ir 42 ±10
A. Halleux, 1959 C109] ir 42
H. Dunken and H. Fritzsche, 1961 C110] ir 42. 4
T. Gramstad, 1962 C107] nir 48. 9
R. Bishop and L. Sutton, 1964 [111] dec 45 ±5
H. Fritzsche, 1964 C112] ir 49
A. M. Dierckx et al, 1965 [113] ir 50. 5
J. Rubin and G. S. Panson, 1965 C114] nir 49
S. Singh and C. N. R. Rao, 1966 C115] nir 41
E. M. Arnett et al, 1970 [17] ir 49.7 ±1
V. V. Zharkov et al, 1970 [116] ir 50
H. P. Hopkins et al, 1978 [106] ir 38. 5
J. Mullens et al, 1985, [97] cal 44.61 ±0.18
Abbrieviations are; ir, infrared; nir, neai infrared; 
cal, calorimetric; dec, dielectric constant.
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It should be made clear that the phenol-pyridine system 
is not entirely representative. It is rare to find such 
good agreement between overlapping data and so in other 
instances, selection is often more difficult.
3.3.5 ROGUE DATA
Equilibrium constants are not easily reproduced. This 
is evident from the recent work of Spencer et al90 who 
measured hydrogen-bonding equilibria by both a calorimetric 
and a neai— infrared method. Their results for the 
interaction of phenol with various bases in C6Hi2  and CCl* 
solutions are presented in Table 3.2
The final data matrix contains results from almost 200 
different sources, over a time period spanning almost three 
decades and made using a wide variety of techniques. 
Therefore although the vast majority of data is relatively 
self-consistent, it is not surprising to find some 
incompatible or rogue data.
An inspection of the overlapping data compiled by 
Joesten and Schaad0 indicates the so-called level of 
exhaustive fit for the regression analysis is about 0.1 log 
units. Hence rogue data may be distinguished as that 
deviating from a predicted value by an amount substantially 
greater than this. It is a function of the minimization 
procedure that any such incompatible set, base, or 
individual entry can significantly influence the generated
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scale. Therefore once identified, rogue data must be 
removed from further regression analyses.
Table 3.2 Comparison of Equilibrium Constants with Phenol
G
Determined by a Calorimtric and a Spectrometric 
Xethod; Spencer et al97, 1985
Base Solvent K°(cal>a K°(spect >
JV, jV^dimethylacetamide C6H12
292 ±109 433 ±22
c c i4 49 ±7 83 ±11
JIT, JV^dimethylformamide C6H12
38 ±15 181 ±7
CC14 64 ±35 49 ±2
1,4-dioxane C6H12
13 ±5 21 ±1
cci . 4 7,2 ±0.9 13 ±1
tetrahyropyran C6H12
23 ±4 38 ±2
CCI . 4 11 ±3 16.1 ±0.5
cyclohexanone C6H12
25 ±9 44 ±3
CCI . 4 11 ±4 19 ±2
a Bolles-Drago analysis
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e
When rogue data are discoverd, checks are carried out 
to determine if;
i) an incorrect entry has been made;
ii) the actual data have been reported as unreliable;
iii) rogue points coincide with measurements made by 
the same worker(s> or laboratory.
If more than one value of log K° is available, then 
substitution of rogue data is considered.
It is advantageous for the matrix to contain the 
maximum number of reference acid/solvent sets. This not 
only helps to show the generality of the scale, but also 
improves its reliability. For example, the log Kmb value of 
some bases will be optimzed using more data and at the same 
time, rogue data are more likely to be identified.
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3.4 THE APPLICABILITY OF THE LFER PRINCIPLE
It has already been shown empirically by both Pearson 
(see section 2.2.2) and Drago (see section 2.2.3) that no 
single-parameter scale of Lewis acidity or basicity can be 
applied to all Lewis-type reactions. The Klopman approach 
(equation 2.10) supports this view from a purely 
theoretical basis, and rationalizes that a blend of 
covalent and electrostatic interactions constitute all 
donoi— acceptor reactions.
Since hydrogen bonding falls into the general category 
of donoi— acceptor reactions, the Klopman equation infers 
that any single-parameter scale of hydrogen-bond basicity 
can only be applied to acid systems which have the same (or 
nearly the same) blend of electrostatic and covalent energy 
contributions. Currently, it is not clear if this is the 
case for all hydrogen-bond acids. According to the HSAB 
principle, all such acids are categorized as 'hard' (see 
Table 2.1). In contrast however, the parameters formulated 
by Drago76 indicate (from an enthalpic point of view) that 
the Eoi:Ca ratio for a range of hydrogen-bond donors is by 
no means constant. Nevertheless, the generality of a free- 
energy related scale of hydrogen-bonding still needs 
further investigation.
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3.4.1 CORRELATIVE REFERENCE ACID/SOLVENT SETS
In the data matrix, the column corresponding to the 
phenol/CCIa reference set contains the largest amount of 
measured bases. Since phenol is recognized as a 
paradigmatic hydrogen-bond donor and CCI.* is the most 
widely used solvent in hydrogen-bonding studies, this set 
is likely to be a good indication of the final optimized 
scale. Consequently, a correlative set is assumed to be one 
that displays a LFER with the phenol/CCl* set (to within a 
reasonable error) for the complete range of bases measured.
Listed below are the 29 reference sets contained in the 
data matrix that are found to be correlative in this way:
1 phenol / CCI +. 16 water/CCl*
2 4-f luorophenol / CCI.* 17 methanol / CCI *
3 4-chlorophenol/CCl*. 18 ethanol / CCI 4.
4 4-bromophenol /CCI*. 19 1—butanol / CCI *
5 4-iodophenol / CCI*. 2 0 t- butanol/CCI*
6 4-nitrophenol /CCI*. 2 1 TFE/CC1*
7 4-methylphenol/CCI*. 2 2 HFIP/CC1*
8 4-t-butylphenol/CCIa 23 thiocyanic acid/CCl*
9 4-methoxyphenol/CCI* 24 maleimide/CCl*
1 0 3-chlorophenol/CCI* 25 succinimide/CCl*
1 1 3-nitrophenol/CCI* 26 phenol /C2 CI*
12 3-methylphenol /CCI*. 27 4-chlorophenol/CeHi2
13 2-methyl phenol / CCI * 28 2-naphthol/CeHi2
14 3, 5-dichlorophenol/CCI* 29 4-nitrophenol /ClsCCH:
15 1-naphthol/CCI*
Abbreviations are TFE, 2,2,2-trifluoroethanol;
HFIP, 1,1,1,3,3,3-hexafluoropropan-2-ol
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It can be seen that that a broad range of substituted 
phenols in both CCI* (1 -> 15) and non-CCl* (26 -> 29) 
mediums form correlative sets. Similar behaviour is shown
utin a CCI* medium by aliphatic alcohols (17 -* 20), substited
aliphatic alcohols (21, 22) and some activated N-H donors
(23 ->25). It is therefore reasonable to suppose that a
£
single-paramter, free-energy related scale of hydrogen-bond 
basicity (as appropriate to the phenol/CCI* set) will be 
general towards most 0-H donors and some N-H donors.
3.4.2 NONCORRBLATIVE REFERENCE ACID/SOLVENT SETS
For the purpose of constructing and using the log Km b 
scale, it is vital to identify the reference sets in the 
data matrix which appear noncorrelative (i.e. those that do 
not display a LFER with phenol/CCl* to within a reasonable 
error). This is the case for the following 12 sets:
30 pentachlorophenol/CCI* 36 KF-methy 1 acetami de/CCl*
31 pyrrole/CCl* 37 ani1i ne/CeH t 2
32 indole/CCl* 38 JT-methylani 1 ine/CeHi 2
33 5-fluoroindole/CCl* 39 trichloromethane/CCl*
34 4-bromoaniline/CCI* 40 cyanoethyne/CCI*
35 diphenylamine/CCI* 41 trichloromethane/CeHi2
With the exception of pentachlorophenol/CCI*, these sets 
all employ either a weak N-H donor (31 -» 38) or a weak 
C-H donor (39 -» 41). At first sight, it may seem probable 
that this is a direct result of the increased experimental 
error associated with the measurement of small log K°
values. However, these weak donor sets are themselves found 
to be interrelated and could in fact be used to set up a 
secondary scale which is totally independent of that 
relating to the stronger 0-H donor sets. The idea of having 
two independent scales of hydrogen-bond basicity, however, 
is certainly an unappealing one and, for this reason, the 
disparity between the basicity ranking of a weak and strong 
reference set has been looked at more closely.
The problem was approached by plotting log K° for each 
of the weak sets against log K4 for a strong set (usually 
phenol/CCIa ). Typical examples are illustrated in 
figure 3.2a as a plot of log K4(5-fluoroindole/CCla ) versus 
log K° (4-fluorophenol/CCI*) and in figure 3.2b as a plot of 
log K4(trichloromethane/CeH! 2> versus log K 4(phenol/CCI*). 
It seems that for the so-called polar bases, which includes 
=0 acceptors (carbonyl, sulphonyl and phosphoryl), C=H 
acceptors and perhaps even m-bases, a fairly good LFER is 
established. On the other hand, aliphatic amines and, to a 
lesser extent, pyridine and ether bases appear to have 
lower basicity ranking in the weaker reference sets than 
expected from their value in the phenol/CCI* system.
These essential features are repeated throughout all 
the relevant plots, and so the methodology needs to be able 
to cope with this 'family-dependent behaviour'. This is a 
good example of how the identification of rogue or outlying 
data can weaken the case for a completely general LFER 
approach and, in turn, lead to a potentially improved
I
understanding of hydrogen-bonding equlibria.
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Figure 3.2a log K*<5-fluroindole/CCl*> versus
log K* <4-f luorophenol/CCl^.)
A PO, 8-0, 0 0  baaaa 
+ pyridine and ether baaaa 
A aliphatic aalae baaaa
X-
o-
l a g K * < 4 - f l u o r o p b a n o l / C C I , >
Figure 3.2b log K*(trichloromethane/CeHiz) versus 
log K*(phenol/CCIa )
4 PO, SO, 0 0  and a baaai 
t pyridine and athar baaaa 
A aliphatic
X-
bai
O-
X o g K *  < p h a n o X / C C l  . >
— X
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Of all the reference sets in the data matrix, 
pentachl orophenol/CCI*. is unique because it correlates with 
neither the phenol/CCI,*. set or any of the weak sets. The 
cause for this behaviour centres on the pyridine bases 
which, in this instance, are found to be stronger than 
would be predicted from the phenol/CCl* set. A plausible 
explanation of the different behaviour of the various 
reference sets is put forward in section 5.3.
3.4.3 OVERCOMING THE PROBLEM OF FAMILY DEPENDENCY
It has been shown that even the weak, noncorrelative 
reference sets define a LFER with phenol/CCI,* for at least 
a restricted range of bases. This realization means that 
strong and weak sets need not be treated totally 
independently. Indeed, it is now possible to apply the 
regression program to all 41 reference sets, provided 
certain key points are omitted from the data matrix. 
Specifically, these points will correspond to the 
interaction of one of the weak hydrogen-bond donors with 
either an aliphatic amine, pyridine or ether base. In 
addition, the data for pyridines must be removed from the 
pentachlorophenol/CCI.* set.
Of course, the generated log KHe scale will no longer 
be completely general because the generated and D**
values for sets 30 -» 41 do not satisfactorily predict a 
log K° value for certain base-types. nevertheless, it may 
eventually be possible to estimate some empirical
correction factors which enable a satisfactory prediction 
of log K° for every position in the matrix.
3.5 THE SIGNIFICANCE OF A HYDROGEN-BOND ACIDITY SCALE
Hitherto, only the concept of a basicity scale has been 
considered, but there is no reason why a directly analogous
hydrogen-bond acidity scale cannot be defined.
In principle, it is possible to construct a data matrix 
in which a column now corresponds to a reference 
base/solvent set and contains measured log K° values for a 
series of acids. This could then be used to generate an
optimized acidity (or log KHft scale), together with a set 
of Lb and Db values characterizing each reference base set, 
according to the general equation;
log K° = Lb .log + Db (3.10)
Abraham et aln7 have used this method to formulate an 
acidity scale. As in the case of the basicity scale, its
success relies on the LFER requirement, i.e. that the 
relative hydrogen-bonding ability of a series of acids must 
be independent of the reference base/solvent set.
Interestingly, this so-called acidity-scale requirement 
also has far reaching effects on the construction of the 
basicity scale. It means that for a group of reference 
acid/solvent sets which employ: ; a common solvent, then
ideally, the L« and Dp, values should reflect their relative
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acidities. This cannot be the case if the set of L a  and D a  
values define a series of randomly intersecting lines. 
Indeed, theoretically speaking, there are only two possible 
conditions whereby both the acidity-scale and basicity- 
scale requirements can be met simultaneously;
i) a convergent condition, where the complete set of 
La and Da values define a series of lines which 
all intersect at a commom point;
ii) a parallel condition, where the value of L a  is a 
constant for all r e f erence sets.
A similar argument can be put forward in the 
construction of an acidity scale. However, the same 
condition must apply to both scales and moreover, if this 
is the convergent condition and if both scales are based on 
the same sovent, then the log K° value of the point of 
intersection must also be the same for both scales.
3.5.1 EVIDENCE FOR A CONVERGENT CONDITION
It has been established that, for sets employing a 
common solvent, the collection of L a  and D a  values must 
define a series of either parallel or convergent lines. In 
addition, the lists of reference sets in section 3.4 show 
that the overwhelming majority of hydrogen-bonding data are 
measured in CCI*. It was therefore decided to formulate the 
basicity scale exclusively on CCl*-based reference sets.
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If the non CCl^-based reference sets are omitted and 
the remainder of the data matrix is subjected to the 
regression procedure, a complete array of 34 linear 
equations (each referring to a CCl^-based set) are 
generated. Using these, it is then possible to test which 
condition is most, suited to the construction of the
basicity scale. A typical series of 20 equations are
plotted in figure 3.3, although it must be remembered that 
those corresponding to the weak sets only apply to the
polar bases. This plot shows that the collection of 
reference lines by no means intersect completely randomly, 
but rather within a narrow range of log K° values. Within 
experimental error, this could be taken as an actual point 
and so is strong indication that the convergent condition 
is much more appropriate than the parallel condition. 
Nevertheless, it can still be argued that this is not
conclusive evidence because the data points themselves 
cover a restricted range of log K° values relative to the 
scale of the axes shown.
Figure 3.4 shows a plot of inputted log K° data versus 
log Km b (as generated by the 34 CCl^-based reference sets 
without subjecting the data to the acidity-scale 
requirement) for 4 reference sets; trichloromethane, 
ethanol, 2,2,2-trifluoroethanol and 3,5-dichlorophenol, all 
in CCIa . These sets (chosen so as to cover a wide range of 
donor ability) clearly support the previous finding by 
illustrating that the 'best fitting' lines cannot be 
parallel.
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Figure 3.3 Plot of predicted log K* versus log K??
B
for 20 of the CCl^-based reference sets
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Figure 3.4 Plot of inputted log K* data versus log K
B
3,S-dichlorophenol/CC1
2,2,2-trifluorophtnol/CCl
ethinol/CCl
a the log Kmb values have been generated using only 
the -CCl,4.-based reference sets but have not been 
subjected to the acidity-scale requirement
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3.5.2 DETERMINING THE OPTIMUM CONVERGENCE POINT
Now that the concept of a convergence point has been 
introduced, it is necessary to find its optimum position in 
terms of its log K° coordinate.
The regression program described earlier minimizes the 
standard deviation, <r, of a predicted log K° from the 
corresponding inputted value. Thus, the best convergence 
point, or more precisely the best log K° coordinate of the 
convergence point, is that which results in the minimum 
value of o' when the lines are indeed truely convergent.
The lower limit of cr is taken as that when only the 
basicity-scale requirement is met, in other words when the 
set of linear equations are totally unrestricted and are 
only approximately convergent, as in figure 3.3. If the 
data is now further subjected to the acidity-scale 
requirement, the lines are forced to converge exactly and 
the new value of o' must be greater than its lower limit, 
simply because the minimization is more constrained.
The problem arises of how to modify the regression 
procedure so as to subject the data to both the acidity- 
scale and basicity-scale requirements simultaneously. The 
method so devised involves loading each CCl.*-based 
reference set with a large number, mp, of imaginary bases. 
All these bases are then designated the same log K° value 
in every set. When the regression program is applied, this 
large weight of data is able to force all the lines to 
intersect at this designated log K° value, so defining the
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log K° coordinate of the convergence point. For 
convenience, this coordinate will be defined (log K°)o. The 
extra imaginary data is then omitted from the statistical 
analysis so that the reported <r can be suitably compared to 
its lower limit.
If all the lines are to intersect at precisely some 
fixed point then, strictly speaking, n must be infinite. 
However, it is found that the program can not cope with a 
very large value of mp across a wide range of (log K°)o 
values. Some preliminary tests revealed that an mp value of 
20 gives sufficient weighting without crashing the program.
Table 3.3 shows the variation in cr with (log K e')o when 
mp=20. These results are then interpreted as a standard 
deviation profile in figure 3.5. This profile defines a 
distinct minimum, corresponding to a relatvely narrow range 
of (log K°)o. On looking at this narrower region more 
closely using mp=100, it was found that <r is constant over 
the range -1.05 ) (log K°)o ) -1.10.
An important observation is that <r for this optimum 
range is only marginally above the lower limit (cf 0.0820 
with 0.0778), reinforcing the argument for convergence. 
This is further supported in recognizing that when 
(log K°)o = 03 or -a>, the parallel condition is realized.
Thus, in effect, the cr value for the parrallel condition 
must be the asymptote of the standard deviation profile, 
i.e. <r(parallel condition)  ^ 0.175.
An identical approach has been used to establish the 
standard deviation profile of the acidity-scale data117. It
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is encouraging to find that this independently predicts a 
coincident optimum <log K°)o range, although it should be 
pointed out that a considerable amount of the total data is 
common to both data matrices. Based on the two profiles, 
the optimum (log K°)o value is taken to be -1. 1.
Table 3.3 Variation in o* with <log K*)o for mp=20 
Lower Limit of o* = 0. 0778 log units
(log K-)0 0*/log units (log K-)q
0*
/log units
-200 0.1723 +200 0.1785
-10 0.1479 + 10 0.2103
-7.0 0.1382 +7. 0 0.2276
-5. 0 0.1270 +5. 0 0.2524
-3. 0 0.1071 +4. 0 0.2748
-2. 0 0.0918 +3.5 0.2904
-1.5 0.0841 +3. 0 0.3090
I i-4 CO 0.0814 +2.5 0.3261
-1. 1 0.0813 +2.3 0.3295
-1. 0 0.0818 +2. 0 0.3281
-0.8 0.0854 + 1.8 0.3237
-0.5 0.1006 +0.5 0.2307
-0.2 0.1359 0. 0 0.1848
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Figure 3.5 Variation in <r with <log K*>o for rnp=2.^
0.3
0.2
0.1 - < X o g  K  * > c3
8
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3.5.3 THE EFFECT OF A COHVERGEHCE POIHT OS log KIT
B
It has been shown that in order to restrict the lines 
through a point, a small penalty has to be paid in terms of 
O'. Also of relevance is the effect of the the convergence 
principle on the generated basicity scale itself. This is 
best investigated by a direct comparison of the scale 
generated when the linear equations are forced to intersect 
at the optimum convergence point, which from now on will be 
referred to as the log Kmb scale, and when they are totally 
unrestricted, now referred to as the ®log KMB scale.
Table 3.4 compares final log Km b values, i.e. when 
(log K #)o = -1.1 and mp=300, with ®log KHB for a number of 
bases covering a broad range of basicity. Most of the bases 
in the table have data measued in several of the CCl^-based 
sets and this enables the standard deviation of the log KMe 
value, o'(log KH©> , to be ascertained. Although virtually 
independent of the two regression procedures, this term is 
provided for the log Kh b analysis and indicates that;
i) On f o r cing the lines to converge, the n  for n e a r l y 
all bases the change in log Khb, A ( log KMB> , is 
less tha n  o'(log Kmb> ;
H Hii) for strong bases, log K^< fclog K^ ,
H Hfor intermediate bases, log K ^  ®log K^ ,
H Hand for weak bases, log K_> ®log K .a a
Table 3.4 Comparison of log Kg and 9log Kg
Base i irHlog Kg xrHSlog Kg Adog K^> o* dog K^> an
<Ke2ir>3PO 3. 536 3. 599 -0.063 0. 119 21
Me2SO 2. 492 2. 520 -0.028 0. 136 25
<MeO>3PO 2. 431 2. 452 -0.021 0. 068 8
KeSOinte2 2. 313 2. 336 -0.023 0. 075 11
KeC0mfe2 2. 283 2. 305 -0.022 0. 091 21
* 3 * 2. 001 2. 014 -0.013 0.083 15
HCOHJfe 1. 973 1. 985 -0.012 0. 076 19
1. 797 1. 804 -0.007 0. 153 21
KeS02BHe2 1. 296 1. 299 -0.003 0. 066 9
<CHo)kC0 d. o 1. 325 1. 309 0. 016 0. 113 15
Me2CO 1. 205 1. 199 0. 006 0. 148 22
<CH2OCH2>2 1. 101 1. 075 0. 026 0. 132
12
Et2° 0. 988 0. 960 0. 028 0. 140
14
MeCOgEt 0.968 0. 947 0. 021 0. 170 12
KeCV 0. 933 0. 874 0. 059 0. 150 12
0. 651 0.644' 0. 007 0. 057 12
Et2S 0. 220 0. 178 0. 042 0. 092 9
1‘4-lte2C6H4 -0.272 -0.313 0. 041 0. 061
10
C6H6 -0.422 -0.457 0. 035
0. 118 12
a n = the number of measured data points (reference sets)
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Although table 3.4 contains a relatively small sample 
of bases, the trend that appears in Adog KMB) with base 
strength is found to be representative of all the bases 
used in the regression analyses, both in terms of sign and 
magnitude. This implies that any effect on a log Km b value 
as a result of formally applying the convergence principle 
is almost certainly within the predicted error of that 
value.
Figure 3.6 illustrates the same point by showing the 
effect of applying the convergence principle with respect 
to the same sets highlighted in figure 3.4. If these two 
plots were to be superimposed, it would again reveal that 
the only noticable change in log Km b takes place in the 
case of strong and weak bases, and that even this change is 
virtually insignificant.
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Figure 3.6 Plot of inputted log K* data versus log KH
B
3,5-dichlorophenol/CCU
2 ,2,2-trifluorophenol/CCl
2-
ethanol/CCU
trichloroiethane/CCl
O-
a the log KHe values have been generated using only 
the CCl.*-based reference sets together with a 
convergent point of -1.1 log units
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3.5.4 ADVANTAGES OF A CONVERGENCE POINT
There are a number of practical and theoretical
advantages which arise from the discovery and definition of
a convergence point.
a) Improved Scale Values
Firstly, the convergence phenomenon makes it easier to 
identify, and hence to remove rogue data points or rogue 
reference sets. For example, Rossarie et aln8 measured
several bases in the cyclohexanol/CCl* set which, although
Urttk
linear log KMe, gives an unrestricted line that does not 
A
pass sufficiently near to the convergence point to include 
it in the regression. In other words, although this data 
displays a LFER with'log Kh b , it would still be identified 
as rogue if entered into an acidity-scale matrix. Forcing 
the lines to converge therefore ensures that data found to 
be inconsistent with the construction of an acidity scale 
is also inconsistent with the construction of the basicity 
scale.
Secondly, use of the convergence point is likely to 
generate a better defined linear equation for a system that 
only contains bases covering a comparitively narrow range 
of basicity. This is particularly useful if the log Km b 
value for a single data-entry base in such a system has to 
be back-calculated from the and values.
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b> Formulation of a scale
One of the features common to most scales that are 
based on log K determinations is that they are unbounded, 
i.e. in principle scale values can be assigned from -<® to 
co. The convergence point, however, can be taken as a 
logical lower limit of hydrogen-bond basicity (and 
acidity).
Using -1.1 as the lower limit of log KHe, then 1.1 may 
simply be added to each log KMe value in order to define a 
new scale of solute hydrogen-bond basicity having the more 
convenient lower limit of zero. At the same time, it is 
possible to fix (but not limit) the upper region of a new 
scale by setting the value for hexamethylphosphoramide to 
1.0000. This new scale, termed J32H * is therefore calculated 
as;
= log KB + 1.1 (3.11)
4.6363
The J3:aM solute scale can now be compared directly with 
scales of solvent basicity, such as those formulated by the 
solvatochromic comparison method. As highlighed by Abraham 
et al80, this probably provides the best test of the common 
assumption that for nonassociated solvents, the solute and 
solvent scales of hydrogen-bond basicity are equivalent.
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c> A General Equation for the Estimation of Hydrogen-
bond Complexation Constants in Tetrachloromethane 
<K
It has alredy been pointed out that a scale of 
hydrogen-bond acidity, log KM«, may be constructed in a way 
directly analogous to that which formulated log KM©. 
Similarly, this scale may be transformed into a more 
convenient <x2M scale according to;
H log K® + 1.1cx2 = ° A <3. 12)
4.6363
All 1040 points used . in the generation of log Kmb 
correspond to an interaction between an acid and a base 
whose respective oC2 M and j3siH values are known. It is 
therefore a straightforward procedure to fit this data, 
together with some additional data from the acidity scale 
matrix117, to a unified equation of the form;
log K° = m. «2.J32 + c <3.13)
where the slope m and the intercept c are characteristic of 
the inert solvent. For C C 1 , this equation has been fitted 
using a total of 1312 log K° values. The standard deviation 
of a predicted vatlue from an observed is 0.093 log units 
and the correlation coefficient is 0.9956. The values of m 
and c that are generated for CC1*. are 7.354 ± 0.019 and 
-1.094 ± 0.007, respectively.
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Equation 3.13 is a mathematical description of the 
convergent point condition. The corresponding unified 
equation for the parallel condition is;
log K° = m.ag + <3.14)
where now both coefficients m and n are solvent dependent.
d
It is interesting to find that the only other general
treatment of hydrogen-bond equilibrium constants’19 contains
an a + )3 term as opposed to an a. J3 term. However, this
treatment is based only on results for the association of
substituted phenols with aliphatic ethers. Over such a
comparitively narrow range of acidity and basicity, it is
"to
not surprising to find a situation which approximates^ he 
parallel condition. In this study however, it is found that 
equation 3.14 fits the same data much less successfully 
than equation 3.13, providing further support for 
convergence.
Combination of equations 3.11, 3.12 and 3.13 produces a
general equation for the prediction of 1:1 hydrogen-bond 
complexation constants in CCl*. using only log KM^ and 
log KMo values;
log K° = 0.3421.(log + 1.1)(log + 1.1) - 1.094 (3.15)
It must be emphasized, however, that equations 3.13 and 
3.15 loose some generality from the fact that certain acid- 
base combinations have been omitted from the data matrices.
-  89 -
Specifically, these equations are not expected to apply 
(within the estimated error) to the interaction of weak F-H 
and C-H acids with aliphatic amine, pyridine and ether 
bases.
The best test of equation 3.15 is its accuracy in 
predicting log K° values for interactions that have not 
been included in the original data matrices. Fortunately, 
some suitable measurements made by Ruostesuo et alX2° have 
recently become available and so these are compared with 
the corresponding calculated values in table 3.5. A 
statistical analysis of log K°(obs.) - log K°(calc.) yields 
a mean deviation of -0.025 log units and a standard 
deviation of 0.054 log units. This is well within the 
expected error and so is an excellent demonstration of the 
usefulness of equation 3.15.
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Table 3.5 Comparison of calculated and observed log K* 
values for some new measurementsa
Base triphenylphosphineoxide trimethylphosphate triphenylphosphate
, „H log Kb 3,1593 2,4308 1,7912
log K # log K' log K'
Acid log Ka obs, calc, obs ,- calc, obs, calc,
obs - 
calc, obs, calc,
obs,-
calc,
2-naphthol 1,7386 3,061 3,042 0,019 2,346 2,335 0,011 1,758 1,714 0,044
1-naphthol 1,7201 2,965 3,015 -0,050 2,324 2,312 0,012 1,718 1,695 0,023
phenol 1,6649 2,819 2,935 -0,116 2,196 2,246 -0,050 1,618 1,641 -0,023
2,2,2-tri fluoroethanol 1,5305 2,774 2,739 0,035 2,170 2,083 0,087 1,604 1,508 0,096
2,2,2-trichloroethanol 1,2176 2,303 2,283 0,020 1,688 1,705 -0,017 1,210 1,198 0,012
2,2,2-tribromoethanol 1,1154 2,161 2,134 0,027 1,537 1,582 -0,045 1,086 1,097 -0,011
carbazole 1,0745 1,940 2,074 -0,134 1,369 1,533 -0,164 1,104 1,057 0,047
indole 0,9194 1,745 1,848 -0,103 1,233 1,345 -0,112 0,980 0,903 0,077
pyrole 0,7934 1,477 1,665 -0,188 1,025 1,193 -0,168 0,777 0,779 -0,002
a observed values are from ref. 120
g
b log values are from ref. 117
3.5.5 IHTERPRETATIOF OF THE COFVERGEHCE POIHT
In defining a convergence point, it follows that a base 
corresponding to this point always has exactly the same
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equilibrium constant, (log K°)o, towards any hydrogen-bond 
donor. The optimum convergence point must therefore
represent the 'theoretical minimum' log K° value of a 
specific hydrogen-bonding interaction in a CCl^ . medium.
At first, the idea of such a minimum seems unlikely 
because it is possible to measure apparent hydrogen-bond 
equilibria for weaker interactions. For example, the 
interaction of typical carbonyl bases with aliphatic
S-H donors, or that of phenol with alkane and alkene bases 
all have log K° values reported as less than -1.1 (see 
ref. 8, Appendix).
In the case of very weak interactions however, it is
not clear if specific hydrogen bonding takes place or not 
(as discussed in section 1.2). For example, Sheridan et 
al121 obtained thermodynamic data for the interaction of 
halogenated hydrocarbons with di-n-octylether using a glc 
method. The log K values at 30 °C for CHCls, CHszClz, CBr* 
and CCl^ t were reported as -0.41, -0.55, -0.97 and -1.18,
respectively. Clearly the latter two values refer to
equilibrium constants for molecular complexes and therefore 
it seems unlikely that an equilibrium constant similar in 
magnitude would relate to some entirely specific
interaction.
Thus, it seems reasonable to conclude that the
convergence point does not exist in the real sense (i.e it 
cannot be determined experimentally) , but is merely an
artifact of extrapolating stronger, specific interactions 
to a region where these interactions no longer occur.
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4 RESULTS OF THE log K? SCALED
4.1 PRIMARY log K® VALUES
Listed in table 4.1 is the complete set of 215 primary
log Km b values covering a very wide range of basicity and 
functionality. These have been generated from a total of 
1040 hydrogen-bond equilibrium constants, measured with 
respect to 34 different reference acids, all in dilute 
CCl* solution. The convergent point is designated at 
(log K #)o = -1.1 and with mp=300, the set of 34 linear 
equations reproduce the measured equilibria to a standard 
deviation of 0.0820 in log K°.
Since each of the primary log KHe values have been 
measured against n reference sets (where n  ^ 2) , it is 
possible to obtain an estimate of the error, o'(log Km b > , 
associated with each primary value. For bases where n ( 3, 
this error provides a crude indication of the reliability
of the corresponding log Km b . However, in the case of the
well-measured bases (i.e. n £ 6), it suggests that 
typically the error on log Km q is about 0.1 log units. It 
is worth noting that this level of precision compares 
favourably with the so-called level of exhaustive fit as 
determined by the consistency of overlapping data.
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Table 4.1 Primary Values3 of log K_X>
Solute log K? r<log «?> n
J t >  1 5
1-chlorobutane -0.608 0.411 2
2-chloro-2-methylpropane -0.224 0.075 2
1-bromobutane -0.166 0.382 2
2-bromo-2-methylpropane -0.325 0.266 2
benzene -0.422 0.118 12
toluene -0.441 0.101 9
2-xylene -0.349 0.096 7
3-xylene -0.287 0.075 7
4-xylene -0.272 0.061 10
mesitylene -0.169 0.085 13
1,2,4,5-tetramethylbenzene -0.158 0.101 3
hexamethylbenzene 0.095 0.149 10
naphthalene -0.119 0.049 6
phenanthrene -0.091 0.063 6
chlorobenzene -0.589 0.220 4
bromobenzene —0.758 0.200 2
dimethyl ether 0.907 0.044 2
diethyl ether 0.988 0.140 14
di-n-propyl ether 0.960 0.088 2
di-isopropyl ether 1.020 0.132 11
di-n-butyl ether 0.842 0.151 6
di-t-butyl ether 0.639 0.070 3
ethyl-t-butyl ether 1.196 0.074 2
trimethylene oxide Coxetane) 1.393 0.095 2
tetrahydrofuran 1.264 0.085 10
1,4-dioxane 1.101 0.132 12
tetrahydropyran 1.113 0.140 5
diphenyl ether 0.029 0.222 3
dibenzyl ether 0.700 0.039 3
anisole 0.105 0.066 4
1,8-cineole 1.280 0.141 4
benzaldehyde 0.826 0.118 3
propanone 1.205 0.148 22
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butanone 1,, 131 0,. 101
3-pentanone 0,, 942 0. 239
4-methyl-2-pentanone 0,. 992 0,. 079
cyclopentanone 1., 340 0,. 233
cyclohexanone 1., 325 0,. 113
mesityl oxide 1., 215 0,. 072
piperitone 1. 384 0,, 073
hexafluoropropanone -0. 195 0,, 136
acetophenone 1.268 0., 262
benzophenone 1. 026 0.. 146
2,6-dimethyl-4-pyrone 2. 497 0. 095
flavone 1.925 0. 059
4-methoxyacetophenone 1.337 0. 010
methyl formate. 0. 655 0. 172
methyl acetate 0.746 0. 234
ethyl acetate 0.968 0. 170
vinyl acetate 0.746 0. 169
2-dimethylamino-3, 3-dimethyl-l azirine 2. 492 0. 058
Me gNON 1.497 0. 089
nitrobenzene 0. 482 0. 259
acetonitrile 0.933 0. 150
1-cyanobutane 0.944 0. 064
chloroacetonitrile 0. 461 0. 100
trichloroacetonitrile -0. 323 0.235
benzonitrile 0.860 0. 109
phenylacetonitrile 0. 783 0. 171
t-butylamine 2. 203 0. 005
diethylamine 2. 165 0. 096
di-isopropylamine 1.991 0. 013
eyelohexyldimethylamine 2. 144 0. 091
triethylamine 2. 001 0. 083
tri-n-propylamine 1.605 0. 095
tri-n-butylamine 1.667 0. 081
triallylamine 1.387 0. 123
ani1ine o. 651 0. 057
benzylamine 1.796 0. 065
dibenzylamine 1.443 0. 146
tribenzylamine 0.328 0. 204
4
2
4
4
15
5
4
2
5
11
3
3
2
4
5
12
2
6
2
2
12
9
2
2
4
2
2
4
2
2
15
3
4
2
12
2
2
4
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N, JIF- d i me t hy 1 be nz y 1 a mi ne 1. 661 0,. 143
3-aminotoluene 0. 732 0. 056
4-aminotoluene 0. 851 0., 034
JV, JV^-dimethylani 1 ine 0.527 0,. 110
JV, JF-di ethyl aniline 0. 817 0,. 475
3-fluoroaniline 0. 306 0, 143
4-fluoroani1ine 0. 579 0, 083
3-chloroani1ine 0. 234 0,. 006
4-chloroaniline 0,. 469 0., 101
3-bromoani1ine 0,. 169 0., 068
4-bromoani1ine 0, 457 0. 107
3-iodoaniline 0, 233 0. 108
4-iodoaniline 0., 348 0. 112
3-methoxyani1ine 0, 741 0. 016
4-methoxyani1ine 1, 006 0. 011
N, JIT-dimethylformamide 1., 973 0. 076
N, JlF-diethylf ormamide 2.. 015 0. 055
JV^-methylacetami de 2. 217 0. 054
N, JIT-dimethylacetamide 2. 283 0. 091
N, JF-diethylacetamide 2. 283 0. 131
N, ilT-dicyclohexylacetamide 2. 452 0. 173
Me.CO.M(CH2>5 2. 297 0. 053
N, JlT-dimethylpropanamide 2. 182 0. 032
N, JIF-diethylpropanamide 2. 093 0. 149
N, JV^dicyclohexylpropanamide 2. 215 0. 124
Et.CO.M<CH0)= 2 5 2. 224 0. 058
N, JV—d i e t hy 1 bu t anami de 2. 163 0. 043
n-Pr.CO.MCCH2>5 2. 209 0. 007
tetramethylurea 2. 346 0. 042
N, Jl/^dimethyl-l, 1, 1-trif 1 uoroacetamide 1. 011 0. 105
N, JF-dimethyl-1-chloroacetamide 1. 737 0. 061
N, JlT-diethyl-l-chloroacetamide 1. 780 0. 067
N, JFdiethyl-1,1-dichloroacetamide 1.398 0. 134
N, J^dieyelohexyl-1-chloroacetamide 1. 727 0. 026
c ic h 0 . co. rr<CH0 )c.c» £ Z> 1. 765 0. 012
N, JV^diphenylacetamide 1. 874 0. 019
N, JV^-diphenylpropanamide 1. 750 0. 024
N, JIT^diphenylbutanamide 1.807 0. 014
2
4
4
2
2
3
4
2
4
3
4
3
3
3
4
19
2
2
21
8
2
3
2
6
2
2
2
2
13
3
3
7
2
2
2
6
2
2
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N, JlP-diphenyl-l-chloroacetamide 1. 404 0,. Oil
N, N-dimethylbenzamide 2. 025 0. 243
N, JlF-diethylbenzamide 2. 147 0,. 102
N, .flF-dicyclohexyl benzamide 2. 231 0,. 151
Ph.CO.<CH2>5 2. 164 0,. 074
N, N-diphenylbenzamide 1. 685 0,, 064
4-JTO-Ph. CO. N<CH_>_o & U 1.. 726 0., 014
4-nitro-^ N-di ethyl benzamide 1,. 747 0., 002
4-nitro-N, N-dieyelohexylbenzamide 1,, 754 0.. 064
4-nitro-JV, i\P-di phenyl benzamide 1,. 272 0. 039
pyridine 1., 797 0. 153
2-methylpyridine 1., 796 0. 219
3-methylpyridine 1., 776 0. 237
4-methylpyridine 1.937 0. 172
2,4-dimethylpyridine 1.885 0.306
2,6-dimethylpyridine 1.858 0.285
2,4,6-trimethylpyridine 2. 114 0.260
2-ethylpyridine 1.684 0.245
2-t-butylpyridine 1.206 0. 199
2-fluoropyridine 0. 901 0. 037
2-chloropyridine 0.986 0. 099
3-chloropyridine 1. 161 0. 210
2-bromopyridine 0.917 0. 033
3-bromopyridine 1.257 0. 038
4 -N, Jl^ di methyl ami nopyridine 2. 883 0. 104
pyridine N-oxide 2. 651 0. 058
J\P-methyl-2-pyrrol idi none 2. 445 0. 110
.AF-phenyl-2-pyrrol idi none 1.824 0. 048
JIT-me t hy 1 - 2 - py r i done 2. 443 0. 056
N-me t hy 1 i mi da z o 1 e 2. 634 0. 109
2-aminopyrimidine 1.727 0. 040
pyridazine 1.849 0. 027
pyrimidine 1.337 0. 028
3-methyl-4-pyrimidone 1.853 0. 049
i^methylmorpholine 1.713 0. 058
pyrazine 1. 125 0. 037
1,4-diazabicyloC 2.2.2]octane 2. 638 0 . 127
nicotine 2. 087 0 . 016
2
3
3
2
2
2
2
2
2
2
21
2
2
5
2
2
5
2
2
3
3
2
2
3
2
6
13
3
4
7
8
8
8
7
4
8
4
5
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3-JV, JIF-di ethyl nicotinamide 2 . 177 0,, 046
1t3-dimethyluraci1 1.. 760 0.. 036
quinoline 1.. 835 0.. 021
2 1 -chi oro-J7-phenyl-2-pyrrol idinone 2 , 125 0., 084
2 ' -methoxy-JIF-pheny 1-2-pyrrol i dinone 2,. 279 0. 072
3 ' -methyl-JV1-phenyl-2-pyrrol idi none 1,, 844 0.. 053
3 1 -chloro- JiT-phenyl-2-pyrrol idinone 1,, 498 0., 109
3 ' -methoxy-JV^phenyl-2-pyrrol idinone 1,, 794 0.. 036
4 ' -methyl- JV^pheny 1-2-pyrrol idi none 1,, 908 0. 066
4 1 -ethyl-JIT-pheny 1-2-pyrrol idinone 1., 919 0. 073
4 ' -chloro- Jlf-phenyl-2-pyrrol idinone 1., 555 0. 084
4 ' -methoxy-JV1-phenyl-2-pyrrol idinone 2., 005 0. 051
diethyl sulphide 0., 220 0. 092
ethyl methyl sulphide 0. 020 0.226
di-n-butyl sulphide 0. 244 0. 111
di-t-butyl sulphide 0. 225 0. 189
tetrahydrothi ophene 0. 126 0. 072
dimethylsulphoxide 2. 492 0. 136
di-isopropylsulphoxide 2. 558 0. 170
di-n-butylsulphoxide 2. 540 0. 005
diphenylsulphoxide 1.990 0. 056
di <4-toluene)sulphoxide 2. 119 0. 007
tetramethylenesulphoxide 2. 472 0. 002
diphenylsulphone 1.274 0. 135
sulpholane 1.324 0. 037
diethyl sulphite 0. 826 0. 120
trimethylphosphine oxide 3. 444 0. 030
triethylphosphine oxide 3. 617 0. 108
triphenylphosphine oxide 3. 159 0. 069
dimethyl phosphite 2. 237 0. 146
diethyl phosphite 2. 342 0. 121
di-isopropyl phosphite 2. 488 0. 160
(MeO)g.Et.PO 2. 658 0. 062
(EtO> ^ •Me. PO 2. 723 0. 071
<EtO>2.Et.PO 2. 750 0. 065
<EtO> 2. i-Pr.PO 2. 717 0. 106
(CoH„C10)0 .Me . POO vD 2. 545 0.
076
<EtO> 2.CH^Cl.PO 2. 426 0. 073
4
8
2
3
3
3
3
3
3
3
3
3
9
2
3
2
3
25
2
2
14
2
2
2
3
3
4
4
8
4
4
4
3
5
4
2
4
4
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<EtO> g•CHClg . PO 2. 150 0. 109
<EtO>2.CC1 .PO 1. 893 0. 199
trimethyl phosphate 2. 431 0. 068
triethyl phosphate 2. 574 0.. 108
tri-n-butyl phosphate 2 . 476 0,. 064
triphenyl phosphate 1. 791 0,. Ill
ethylisothiocyanate -0,. 062 0., 124
methylthi ocyan^te 0,. 564 0., 023
ethylthi ocyanate 0., 597 0., 031
tetramethylthiourea 1,, 283 0., 072
MeO.CS.M<Me>2 0., 827 0. 093
MeS.CS.M(Me>2 0., 741 0. 161
N, JIF-di methyl thioacetamide 1., 182 0. 093
N, JV^dimethylthiobenzamide 1., 106 0. 178
JSTC. CS. tf <Me>2 0. 607 0. 115
N, JF-di met hylmethanesul phi namide 2. 313 0. 075
N, JIF-dimethylbenzenesu 1 phinamide 2. 069 0. 065
N, JIF-di methyl-4-toluenesul phi namide 2. 075 0. 112
N- methy1methanesu1phonamide 1.256 0. 039
N, iiF-di methyl me thanesulphonamide 1.296 0. 066
N, JIF-dimethylbenzenesulphonamide 1.357 0. 178
N, jlF-dimethyl-4-toluenesulphonamide 1.430 0. 180
hexamethy1phosphorami de 3. 536 0. 119
(EtO) 2. PO. 2T<Me) 2 2. 815 0. 043
tri-n-butylphosphine sulphide 1.440 0. 118
tri-n-octylphosphine sulphide 1.525 0. 097
triethylthiophophate 0. 715 0. 046
hexamethylthiophosphoramide 1.305 0. 010
diethyl selenide 0. 141 0. 039
di-n-butyl selenide 0.219 0.238
4
5
8
5
2
2
2
2
2
13
2
2
4
2
2
11
11
5
7
9
5
5
21
4
2
2
9
7
4
2
a These values generate the L** and L d  values for the 
reference sets given in table 4.2.
4.2 SECONDARY log K® VALUESD
The complete array of 34 linear equations that are 
generated by the 215 primary log KMs values (i.e. the set
of equations 3.8) are given in table 4.2; but note that for
set 30 (pentachlorophenol/CCl^.) , pyridine bases have been 
omitted from the analysis and for sets 31 -* 40, aliphatic 
amine, pyridine and ether bases have all been omitted. The 
number of measured bases, nB, in each reference set is also 
reported together with the standard deviation, o'(log K*), 
of a measured log K° from the calculated value.
Given the and values in table 4.2, it is then
possible to back-calculate secondary log KMe values for the 
single data-entry bases excluded from the primary set. An 
interesting set of compounds assigned log KMB values in 
this way are the heterocycles studied by Roussel and co- 
workers’22-126. Some further representative examples of 
secondary values are provided in table 4.3.
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Table 4.2 The Set of Equations 3.8
Bo. Reference Set o' <log K*> nB
1 phenol/CCl* 0. 946 -0.057 0 . 088 189
2 4-fluorophenol/CCl* 1 . 0 0 0 0 . 0 0 0 0. 089 74
3 4-chlorophenol /CC1*. 1. 065 0. 074 0. 054 38
4 4-bromophenol/CC1a 1. 075 0. 084 0. 043 32
5 4-iodophenol /CCIjx 1 . 080 0. 090 0. 048 16
6 4-ni trophenol/CCI4. 1. 299 0. 328 0. 087 31
7 4-methyl phenol /CCl*. 0. 907 -0 . 1 0 1 0. 035 31
8 4- t-butylphenol /CCl^ . 0 . 8 8 6 -0.125 0. 044 13
9 4-methoxyphenol /CCl^ . 0.911 -0.096 0. 039 26
10 3-chlorophenol/CC1a 1 . 1 0 2 0. 113 0. 077 26
11 3-ni trophenol /CCl^ . 1. 241 0. 269 0. 109 19
12 3-methylphenol /CCl^ . 0. 909 -0.099 0.052 24
13 2-methylphenol/CCl* 0. 819 -0.198 0. 064 15
14 3, 5-dichlorophenol/CCl^. 1. 230 0. 254 0 . 062 27
15 1-naphthol/CC1 a. 0. 968 -0.034 0. 071 42
16 water/CCl* 0. 554 -0.490 0. 067 13
17 methanol/CC1* 0. 582 -0.459 0. 090 49
18 ethanol/CCl* 0. 538 -0.507 0. 063 2 0
19 1-butanol /CCl^ . 0. 516 -0.533 0 . 1 0 0 14
20 t-butanol /CCl^ . 0. 496 -0.553 0. 072 17
21 TFE/CC1* 0. 910 -0.098 0.063 39
22 HFIP/CC1* 1. 224 0. 250 0 . 1 2 1 26
23 thiocyanic acid/CCl* 1. 185 0 . 206 0. 177 25
24 maleimide/CCl^. 0. 784 -0.236 0. 087 1 1
25 succ i ni mi de / CC14. 0. 771 -0.250 0. 165 1 1
30 pentachlorophenol/CCIa 0. 892 -0.118 0. 077 49
31 pyrrol e/CCl a. 0. 643 -0.391 0. 077 35
32 indole/CCl^. 0. 712 -0.315 0. 074 39
33 5-fluoroindole/CCla 0. 744 -0.280 0. 052 14
34 4-bromoaniline/CCl.a 0. 489 -0.561 0. 083 8
35 diphenyl ami ne/CCl 4. 0. 513 -0.535 0 . 1 2 1 2 2
36 ilP methyl anil ine/CCl.* 0. 604 -0.435 0. 083 16
39 trichloromethane/CCl^. 0. 326 -0.741 0. 036 18
40 cyanoethyne/CCl^. 0. 501 -0.550 0 . 1 0 1 1 1
Table 4.3 Examples of Secondary log Values
Base log K
1-hexene -1. 07
1,2-hexadiene -0. 63
1-hexyne -0. 31
styrene -0. 27
furan -0. 42
prop!onaldehyde 0. 69
4-nitrobenzaldehyde 0. 36
4,4'-dimethylbenzophenone 1. 05
4-benzoquinone 0. 49
PhU=ITPh. (fluorenone) 1. 06
sym-1etramethy1guanidine 3. 14
MeW=C. Ph. IT (Me) ^ 2. 62
(Me>2NNO 1. 24
<Ph>2NlTO 0. 56
3-trifluoromethylbenzonitrile 0. 52
triphenylamine 0. 25
2,6-di-t-butylpyridine -0. 24
3-cyanopyridine 0. 92
2-aminopyridine 1. 95
N- methylpyrrole 0. 26
quinuclidine 2.63
isoquinoline 1. 86
acridine 1. 90
propanoyl fluoride -0. 14
benzoyl fluoride -0. 29
thi ophene -0. 37
triphenyl phosphine 1. 11
Ph2PCF 0. 80
PhClgPO 1. 26
triethylphosphine sulphide 1. 46
triphenyl arsine 0. 25
ferrocene 0. 17
W 
«
4.3 TERTIARY log VALUES
Despite the large number of primary and secondary 
log KMe values available, certain classes of bases which 
are of particular interest are not represented. In some 
cases <e.g. the alcohols), this is simply because data has 
only been measured in non CCl.*—based reference sets. 
However, it is still often possible to use such data in 
assigning tertiary log KMB values.
Provided a non CCl^-based reference set is both 
correlative and contains a sufficient number of measured 
bases with known primary log KMB values, then, simply by 
performing a straightforward linear regression against 
log Khb , it is possible to obtain its effective La and Da 
values. Tertiary log Km b values can then be assigned to any 
bases measured in this set, but which are not included in 
generating the scaling equation. However, ideally speaking, 
since there is now no known convergent point, the 
assignment of tertiary values should be restricted to those 
bases which can be interpolated from the measured data.
Compariti vely very few measurements have been made of 
the hydrogen-bond basicity of compounds which can act both 
as donors and acceptors. This is largely because of their 
inherent ability to self-associate making determinations of 
1:1 association constants particularly difficult and often 
requiring rather specialized methodologies. The alcohols 
are an important class of componds which fall in to this 
category, but which can nevertheless be assigned suitable
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log Km b values. Table 4.4 gives the tertiary log KMe values 
for a series of aliphatic alcohols using data measured 
against four different non CCl.d.-based reference sets. 
Although there are apparent discrepancies between the 
various sets, the agreement is sufficient to provide 
reasonable estimates of log KMB for primary O  0.9), 
secondary O  1.0) and tertiary alcohols O  1.1).
n
Table 4.4 Tertiary log Values for Aliphatic Alcohols
Reference Set 
2-naphthol/a 3,4-dinitrophenol/^ 3,5-dichlorophenol/c 4-nitrophenol/^
Alcohol CeHi 2 CeHi2 CsH 1 2 CHsCb
methanol 0. 76 0. 89 0.70
ethanol 0. 82 1. 06 0. 84 1. 03
1-propanol 0. 89 0. 86
isopropanol 1. 00 1. 19 0. 93 0. 99
1-butanol 0. 90 1. 11 0. 85
isobutanol 0. 80 0. 80
s-butanol 0. 96 0. 91
t-butanol 1. 33 0. 98 1. 07
adamantanol 1. 50
a From the log K values of Benizri and Bellon127,
corrected to 25°C and scaled against log Kme» using data 
from various sources as entered in the data marix. 
b From the log K values of Abboud et alez, scaled against 
log Kmb using their values for ethers only 
c From the log K values of Benizri and Bellon127,
corrected to 25 °C and scaled against log KMo using 
log Ki values for ethers (1,4-dioxane omitted) as 
obtained in this work (see table 9.2)
d From the log K values of Abraham et al128, scaled using
all bases except pyridines
4. 4 THE LIMITATIONS OF THE log K? SCALEx>
It has already been shown that certain weak reference 
sets do not display a LFER with the stronger sets and that 
this in turn means that a single-parameter, log KHe scale 
can never be completely general. Before returning to the 
problem of family-dependent behaviour however, other types 
of hydrogen-bond donor systems that are likely to be 
noncorrelative with respect to the devised scale are 
discussed.
4.4.1 PROTON TRANSFER EFFECTS
There are a number of possible interactions that an 
acid, A-H, can undergo with a base, B;
i) formation of a simple hydrogen bond, A-H-•-B;
ii) formation of a hydrogen-bonded ion pair, 
A- • • -H-B'4', where the proton transferred from A-H 
to B and the resulting positive and negative ions 
are linked by a hydrogen bond and an 
electrostatic interaction;
iii) formation of a solvent-separated ion pair, 
A- (solv)B^H, where the proton is transferred and 
the ions are separated by one or more solvent 
molecules but linked electrostatically;
iv) dissociation into individual ions.
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The type of acid-base interaction is dependent upon the
strength of the acid, the strength of the base (these are
often combined in a ApKa term) and the dielectric constant, 
€, of the medium.
Under appropriate conditions, there can exist an 
equilibrium between a hydrogen-bonded complex and a 
hydrogen-bonded ion pair;
A-H•••B A“ --;H-B- (4.1)
This tautomerism occurs in systems having two minima on the 
potential surface of the donor-acceptor interaction and 
which are separated by a relatively large energy barrier. 
These minima correspond to the two kinds of complex that 
are in equilibrium with the free molecules. The
dissociation of ion pairs into individual ions is also 
dependent on an equilibrium. The theoretical and
experimental aspects of equilibria in those systems are 
discussed in detail by Zeegers-Huyskens and Huyskens129.
Recent studies by Dwivedi et ai'30 concerning the 
interaction of 4-nitrophenol with aliphatic tertiary amines 
revealed that in cyclohexane (e = 2.02), only the simple 
1:1 hydrogen-bonded complex is formed. However, in 
1,2-dichloroethane (e = 10.65) there is some (but probably 
an insignificant) amount of hydrogen-bonded ion pair 
formation, whereas in acetonitrile (e = 37.5) only the 
solvent-separated ion pair is formed.
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Gurka and Taft70 reported that no appreciable 
contribution from the hydrogen-bonded ion pair was present 
in the association of 4-fluorophenol with the wide range of 
bases they measured, either in tetrachloromethane or the 
more polar '1, 2-dichloroethane. However, some unpublished 
results69 for 4-fluorophthalimide suggested that the pKhb 
scale would not be applicable to reference acids for which 
there is appreciable ion-pair formation.
These observations lead to the conclusion that the 
log Kmb scale is based only on hydrogen-bonding reference 
sets which have negligible contribution from proton- 
transferred species. A possible exception, however, may be 
the pentachlorophenol/CCl^. set. Gramstad131 *132-133 measured 
equlilibrium constants for a large number of carbonyl and 
phosphoryl bases in this set and these log K° values have 
all been entered in the appropriate column of the data 
matrix. The La and Da values given in table 4.2 show that 
pentachlorophenol/CCIa is a weaker hydrogen-bond donor 
system than phenol/CCl*. Based on the pKa values for the 
two acids (pentachlorophenol = 5.26, phenol = 9.89) this 
seems somewhat surprising, but was thought by Gramstad133 to 
be at least partly due to a solvent effect. 
Goralski et al)3A found the same anomalous ranking of these 
two acids when comparing their hydrogen-bond donor 
abilities towards tetrahydrofuran in CCIa, but offered 
steric and intermolecular effects as explanation.
For pyridine bases however, Gramstad107 has shown that 
equilibrium constants are significantly higher in the
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pentach.lorophen.ol set relative to the phenol set. It was 
proposed that a greater contribution from the proton- 
transfer structure for nitrogen bases relative to oxygen 
bases could account for this. It was further reported that 
for aliphatic amines, 1:2 and higher complexes are formed.
On the other hand, internal molecular hydrogen bonding 
is well-known in the case of o-Cl and OH functions. The 
idea of competing equilibria has therefore been proposed by 
both Taft et al69 and Kuopio135 to account for the difference 
in the relative strengths of nitrogen and oxygen bases 
towards pentachlorophenol.
Malarski et al136 have measured the change in dipole 
moment on complex formation for a number of amine bases 
with pentachlorophenol in CCl*. Interestingly, this work 
shows that proton transfer is not important for pyridine 
itself, but becomes significant in the case of 
2, 4, 6-trimethylpyridine and is greater than 50% for 
aliphatic amines.
Observed anomalies are not unique to pentachlorophenol, 
however. Recent work by Denisov et ai137 shows that 
pentaf1uorophenol as well as 1- and 2-heptaf1uoronaphthols 
in CCl.* also give enhanced equilibrium constants for 
pyridine and aliphatic amines relative to more polar bases. 
Although there was evidence of ion-pair formation with the 
aliphatic amines, this was not the case for pyridine.
It is obvious that the irregular behaviour of the 
pentahalogenated phenols is not well-understood, but 
nevertheless, it remains clear that all amine bases must be
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omitted from the pentachlorophenol/CCl^. correlation. It 
also seems likely that a reference acid much stronger than 
this (in terms of pKa) will be susceptible to proton 
transfer, particularly if in a polar solvent. For example, 
it is reasonable to expect that for strong bases, a 
carboxylic acid reference set will not correlate with 
log Kmb , although currently there is not enough data in the 
literature to confirm this. However, it may that the 
stronger reference acids are not unique in this respect. 
For example, it has been reported138 that significant proton 
transfer takes place between the activated C-H donor, 
1,1-dinitroethane (a weaker hydrogen-bond donor than 
phenol) and aliphatic amine bases in CCl^.
4.4.2 SPECIFIC SOLVATION EFFECTS
The initial assumption necessary in order to set up the 
log Km *3 scale required that all equlilibrium measurements 
be made in an inert solvent. Such a solvent will not form 
specific hydrogen bonds, but will interact nonspecifically 
with the solute species. Although enthalpies of hydrogen 
bonding are more sensitive to these nonspecific solvation 
effects than the corresponding free-energy values, the 
effect of using potential hydrogen-bond active solvents has 
not yet been considered.
Some equlilibrium measurements made by _ Codofier et al139 
are given in table 4.5. These suggest that the acidities of 
a series of dimethylphenols toward pyridine do not even
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follow the same order when compared in cyclohexane and 
benzene solvents.
Table 4.5 Comparison of Dimethylphenol-Pyridine
Equilibria Measured in Cyclohexane and Benzene
dimethyl phenol isomer log K°<CgHi:z> log K # <CeHe)
3.5 2.34 1.18
2.5 2.01 1.04
3,4 1.81 1. 32
2.3 1.64 1.23
2.6 1.38 0.72
2.4 1. 17 1.07
The authors accounted for this phenomenon by suggesting 
that a specific interaction occured between the benzene 
solvent and the complexes. Libus et al140 made a 
comprehensive study of solvent effects and provided strong 
evidence of a specific interaction between 4-nitrophenol 
and aromatic solvents. For comparison, their results of the 
basicity of amines toward 4-nitrophenol in the same two 
solvents (cyclohexane and benzene) are shown in table 4.6. 
These indicate a similar, although less pronounced effect 
to that found by Codofier et al.
- 110-
Table 4.6 Comparison of 4-BTitophenal-Amine Equilibria
in Cyclohexane and Benzene
amine log K*(CeHi2) log K* (CeHe)
di-n-butylamine 
1-butylamine 
pyridine 
triethylamine 
tri-n-butylamine 
tri-n-propylamine 2. 51
3. 05
2. 63
3. 25
3. 07
3. 31
. 2. 07
2. 43
2.81
2. 63
1. 85
1. 79
Specific solvation effects make it unlikely that the 
log Km b scale will apply to any reference acid set that 
uses a basic medium. However, it is less obvious if acidic 
media also need to be avoided. Futsaeter and Gramstad'4' 
have shown that although association constants between
2-methyl-6-t-butylphenol and a series of phosphoryl bases 
are about 20 times less in CHCls than in CCl*, the order 
of basicity remains unchanged nevertheless. This was 
explained in terms of competition between the stronger 
solute acid and the weaker solvent acid to associate with 
the base.
In weakly acidic media, it may be that the competition 
process cancels and, at least within a family of bases, the 
log Khb scale is still followed. However, such solvents are 
likely to be relatively polar and for reasons that will 
become apparent, the scale is unlikely to apply over a 
variety of base functions.
4.4.3 STERIC EFFECTS
Probably the earliest evidence of a steric effect in 
hydrogen bonding was produced by Coggeshal 1142> ,43. He 
studied the self-association of phenols and found that, in 
relation to phenol itself, the presence of large alkyl 
ortho-substituents resulted in a decreased UV shift for the 
7u -» tt* transition on dimer formation. It is now well-
established that hydrogen-bond formation is more sensitive 
to steric effects than the corresponding proton-transfer 
reaction.
Taft et ai69 have shown that within a common base 
functionality, hydrogen-bond formation constants measured 
against a particular reference acid system often correlate 
with the pKa of the base. Deviations from such a 
correlation are now often taken as direct evidence of 
hydrogen-bond steric effects. For example, Halleux109
demonstrated from a correlation of pKa data in aqueous
ethanol and hydrogen-bond formation constants with phenol, 
that steric effects operate in reducing the hydrogen- 
bonding basicity of 2-substituted pyridines. More recently, 
Hopkins et al106 have shown exactly the same phenomenon
using gas-phase proton affinity <PA) as a measure of 
intrinsic basicity instead of pKa. Free energies of 
hydrogen bonding with phenol in CCl* were found to display 
a linear correlation with PA for 3- and 4-substituted 
pyridines, whereas the 2-substituted derivatives deviated 
from this line in having reduced hydrogen-bonding
tendencies. Bellon et al’44 have also compared hydrogen-bond 
and gas-phase data to show that steric and inductive 
influences both operate in characterizing the hydrogen-bond 
basicity of ethers.
A quantitative study by Takayama et al146 attempted to 
explain log K°(trichloromethane/C6H12) values for aliphatic 
amines via a multi-parameter equation using only terms in 
the total electronic effect and the individual steric 
effects of the substituents. Vong and Ng146 similarly 
treated enthalpy data for both aliphatic amines and 
aliphatic ethers measured in the same system. Both these 
studies provided evidence that hydrogen-bonding reactivity 
can at least be partly attributed to steric effects.
Two important questions need to be asked about the role 
of steric hindrance with respect to the construction of the 
log Kwe scale; i) what effect do steric factors have on 
log Kh b and ii) do they impose restrictions as regards its 
application. Fortunately, all the reference acids used to 
construct the scale have only modest steric requirements, 
i.e. the only ortho-substituted reference phenol is the
2-methyl derivative. Thus, it is reasonable to presume that 
any steric requirement of a base is already incorporated 
into its scale position, but that the scale itself will not 
apply to excessively hindered donors.
If, however, equilibrium constants for a series of 
bases with vastly different steric requirements were to be 
measured against a series of reference acids also having 
vastly different steric requirements, a corresponding
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breakdown of the LFER principle would be expected. An 
excellent illustation of this point can be seen from the 
results of Jones et alM7, who have studied the association 
of substituted pyrroles and pyridines. The log K° values 
measured in CCl* at 25°C, together with the difference, A, 
of the log K° value for pyridine itself subtracted from 
that of the substituted pyridine, are presented in 
table 4.7.
Table 4.7 Measured Pyrrole-Pyridine Equilibria
pyrrole derivative
pyrrole 2,5-dimstliyl- 2,5-di-t-butyl-
pridine
derivative log K* A log K° A log K° A
pyridine 0.423 0 0.241 0 -0.237 0
2,6-dimethyl- 0.442 0. 019 0.182 -0.059 -0.638 -0.401
4-methyl- 0.599 0. 176 0.396 0. 155 -0.076 0. 161
2,4,6-trimethyl- 0.613 0. 190 0.361 0. 120 -0.469 -0.232
Similar steric effects probably account for the fact that 
the data compiled by Joesten and Schaad (ref. 8, Appendix) 
for 2-t-butylphenol/CCl^. and 2, 6-di isopropylphenol/CC1 a do 
not correlate very satisfactorily with log KM©.
Although only reference acids of modest steric
requirements have been used to set up the scale, bases of
particularly high steric requirements may nevertheless be
susceptible to even the minor steric changes of these
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acids. Tri benzyl amine is perhaps a good example. Gramstad107 
found this base to give a much higher association constant 
in methanol/CC1 than would be predicted from the result in 
phenol/CCl*. The author claimed that this is because of the 
reduced steric requirement of methanol relative to phenol. 
However, it was not pointed out that this compound is a 
much weaker base than any normal tertiary amine and it may 
be that it is acting partly as a m-base.
Despite all the steric studies of hydrogen bonding 
completed to date, no authoritive description of these 
effects on the overall thermodynamics of a system is 
believed to exist in the literature. However, if the 
log Km b scale is ever to be applied in a QSAR context, a 
more comprehensive view of steric effects would be very 
useful. Therefore in the present study, an experimental 
programme has been undertaken to examine the thermodynamic 
parameters (AG, AH, and AS) of 1:1 hydrogen-bond formation 
for a series of aliphatic ketones and aliphatic ethers with 
3,5-dichlorophenol in cyclohexane. The methodology used, 
together with the results of this investigation are 
detailed in sections 7, 8 and 9.
5 FAMILY-DEPENDENT BEHAVIOUR
5.1 FAMILY-DEPENDENT LFER* s IN HYDROGEM BOMDIMG
The success of the log Kmbi scale relies exclusively on 
the extrathermodynami c principle that a LFER is displayed 
between two hydrogen-bond donor systems over all bases. 
However, analysis of much of the data in the literature has 
revealed that a LFER does not always exist between a weak 
reference acid set, such as pyrrole / CC1 a. , and a stronger 
set, such as phenol/CCl^t. Nevertheless, over a restricted 
range of base functionality, a LFER can often be
established. A relationship of this sort is often referred 
to as 'family-dependent' to distinguish it from the more 
ideal 'family-independent' behaviour.
In section 3.4, it was shown that family dependency has 
important implications in relation to the construction and 
application of the log Km b scale. However, this is by no 
means the first time that such findings have been reported 
in relation to hydrogen bonding.
Perhaps the earliest evidence of family-dependent
LFER's are those published in 1968 by Lauransan and 
Pineau'40. These workers measured equilibrium constants for 
a variety of bases with two weak acids, diphenylamine and 
4-bromoaniline, in CCl*. Using this data, they showed that 
a LFER could be established between these two weak 
N-H donors, but not between either of these and data
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re 1 at ing to a stronger 0-H donor (phenol or butanol) 
abstracted from the literature. These latter correlations 
appeared scattered rather than family dependent simply 
because there were insufficient points to distinguish any 
family linearity. It was therefore concluded that "the 
order of basicity depends upon the particular donor being 
considered".
In 1972, Taft and co-workers149 identified the same 
effect when investigating the applicability of their pKhb 
scale to an N-H donor, 5-fluoroindole. In this instance, a 
plot of log K° for a series of bases against 5-fluoroindole 
in CC1*. versus pHne resulted in three essentially parallel 
lines; the uppermost line for carbonyl, oxide and nitrile 
bases, the middle line for pyridine, guanidine and ether 
bases, and the lower line for tertiary aliphatic amines.
It was first thought that the origin of this family- 
dependent behaviour was a steric entropy effect associated 
with the change in bond lengths for different N-H■ -B 
systems. However, in a later publication150 it was explained 
in terms of the dipolarity/basicity ratio of the different 
bases. This second conclusion was reached because it was 
possible to correlate log K° for both weak and strong 
reference sets via the dual-parameter equation;
log K° (set n) = bJ3 + sp + c (5. 1)
where J3 is the Kamlet and Taft sol vatochromic basicity 
parameter (which is linearly related to pKh b ), p is the
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dipole moment of the base, b and s are the respective 
sensitivities of set n to these parameters and c is the
intercept. It was observed that strong (phenolic) sets are
characterized by a statistically insignificant value of s, 
whereas a large value of s corresponds to a typical weak 
set (e.g. Lauransan and Pineau's diphenylamine set).
For many bases, p is quite closely related to the
Kamlet and Taft solvatochromic polarizabi1ity parameter, 
it3*, and so for the sets correlated by equation 5.1, an 
analogous equation using m3* instead of p was found to be 
equally successful150.
Takayama et ai145 had earlier reported that the 
trichloromethane/CsHi2  set displayed similar family- 
dependent behaviour when plotted against pKhb. This was
another of the sets that Kamlet et al150 were able to 
correlate via their dual parameter approach.
As pointed out by the authors150, equation 5. 1 infers 
that dipole-dipole interactions as well as the actual 
proton-sharing process contribute to the overall free 
energy of hydrogen bonding. If this is the case, then there 
should be a link between p or m3* and the position of a base 
in a family-dependent LFER. Values of these parameters are 
provided in table 5.1 for a variety of bases, listed in 
order of decreasing p. It is immediately obvious that 
pyridine, ether and aliphatic amine bases would have lower 
dipole-dipole contributions than the more polar bases. This 
is certainly consistent with the family-dependent
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classifications that have been observed both by TaftM9 and 
in the present work (see section 6.2).
Table 5.1 Dipole Moments and Polarizabilities
of Selected Bases
3.Base Dipole Moment p, D Polarizabllity it*
hexamethy1phosphoramide 
dimethyl sulphoxide 
JIT, i\F-dimethylf ormamide 
acetonitrile 
propanone 
ethyl acetate 
pyridine
2,4,6-trimethylpyridine 
diethyl ether 
di-22-butyl ether 
triethylamine 
tri-n-butylamine
a values from ref. 151
b values from ref. 152 unless otherwise indicated
c value obtained by R. A. McGill, University of Surrey.
Prior to the proposal of equation 5.1, Panchenko 
et <al,s3 had also used data from the literature to show that 
a single linear relationship did not hold between pKm© and
4.7 0. 87
4. 1 1. 00
3. 8 0. 88
3. 5 0. 75
2.9 0. 71
2.7 0. 55
2.2 0. 87
2. 1 0. 67
1.2 0. 27
1.2 0. 24
0.7 0. 14
0.7 0. 16
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the sets, trichioromethane/CsHi 2 , 5-fluoroindole/CC14 ,
diphenylamine/CCl.*. and N-methylani 1 ine/CsHi 2. However, it 
was again found that all sets could be related by a dual- 
parameter equation;
log K° = A + B.pKmb + C.log K 1 2  (5.2)
where K 1 2  is the formation constant for the charge-transfer 
complex with las.
If pKHB is thought of as a combined electrostatic 
(dipole-dipole) and covalent (charge-transfer) free-energy 
term, then because I2  is a Lewis acid with a zero dipole 
moment, log K 1 2  will be a free-energy term virtually free 
from any electrostatic contribution. On this basis, it can 
be supposed that a weak set having a significant positive 
coefficient of p in equation 5.1 should be similarly 
characterized by a negative coefficient of log K 1 2  in 
equation 5.2. This prediction is consistent with 
observation, hence the two independently proposed dual­
parameter treatments are in fact mutually equivalent.
The success of equations 5.1 and 5.2 in correlating 
experimental data strongly support the implications of the 
theoretically derived Klopman equation (see section 2.2.2), 
i.e. that both electrostatic and covalent terms contribute 
to the overall energy of a donoi— acceptor interaction. It 
further implies that even within the restricted range of 
hydrogen-bonding interactions, the relative importance of 
these terms is not necessarily the same.
5.2 THE MARIA AMD GAL APPROACH TO FAMILY DEPEHDEFCY
Recently, Marla and Gal and co-workers’5* have greatly 
extended the ideas of Panchenko et al153 to include both 
hydrogen-bonding and nonhydrogen-bonding acid-base 
interactions. In essence, these workers analysed a 
completed data matrix containing 22 bases and ten different 
base-dependent properties (BDP1s>, where each BDP was
either a thermodynamic or spectroscopic basicity scale from 
the literature. Using the methods of information theory and 
principal component analysis <PCA) , they showed that 95% of 
the total variance of the data could be accounted for by 
only two basicity factors, F'l and F2, and so were able to 
propose the dual-parameter equation;
BDP = BDPo + SiFi + S2F2 (5. 3")
The Fi and F2 factors determined by Maria and Gal et al 
are given in table 5.2. It is apparent that the polar bases 
tend to be characterized by a large value of F2 relative to 
Fi , whereas the reverse is true for triethylamine and the 
pyridine bases. The constants Si and S2 in equation 5.3 can 
be generated by multiple regression analysis of any BDP 
against the basicity factors in table 5.2.
45
6
7
8
9
10
11
12
13
14
15
16
17
18
19
20
21
22
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5.2 The F^ and F^ Principal Components of Basicity 
as Determined by Maria and Gal et aVSA
Base Fi ]F2
nitrobenzene -0 . 89 0. 01
acetonitrile -0 . 57 -0 . 04
diethyl carbonate -0 . 52 -0,. 02
dioxane -0,. 37 -0,, 16
ethyl acetate -0,. 44 -0,. 02
acetone -0,. 37 -0,, 02
cyclohexanone -0,, 34 0., 01
diethyl ether -0,, 29 -0 ., 11
trimethyl phosphate -0,, 08 0 .,24
tetrahydrofuran -0.. 21 - 0 .04
Nt AF-dimethylformamide 0 . 05 0 .12
JV, ili^dimethylaniline 0 .11 - 0 .40
Jl/1-methyl-2-pyrrol idinone 0 .15 0 .16
dimethyl sulphoxide 0 .15 0.20
N, JlF-dimethylacetamide 0.18 0 .15
tetramethylurea 0 .20 0 .11
pyridine 0 .42 - 0 .08
2,6-dimethylpyridine 0 .47 - 0 .10
hexamethylphosphoramide 0 .48 0 .38
4-methylpyridine 0 .49 - 0 .05
2,4,6-trimethylpyridine 0 .53 -0 .07
triethylamine 0 .85 - 0 .26
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It was observed that the first and second factors were 
colinear with proton affinity (corrected for enhanced 
polarizabi1ity effects) and potassium-ion affinity,
respectively. On the basis of these correlations, a 
physical significance was ascribed to each factor; Ft was 
attributed to a blend of electrostatic and electron- 
delocalization (or covalent) characters and F2 to a pure 
electrostatic character. In turn, these assignments infer 
that the polar bases are characterized by a greater 
contribution of electrostatic character, whereas for amine 
bases electron delocalization is more important. Thus, if a 
BDP is correlated against the basicity factors Ft and F2, 
then the coefficients St and S2 reflect the sensitivity of 
the BDP to electron-delocalization and electrostatic 
characters.
Maria and Gal et al found that the values of St and S2 
differed widely among the BDP's they studied. These 
differences were visualized in a fan-shaped diagram by 
representing each BDP by a vector of module
p = ( S t 2  + S22) 1 /2 and angle 9 = tan-1 S z / S t  . The 0
parameter is particularly useful because it provides a 
quantitative estimate of the relative response of a BDP to 
the electrostatic/covalent character. Moreover, two BDP's 
will only show fami ly-independent behaviour if their 9 
values are the same, or nearly the same.
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Table 5.3 Correlation of BDP"6 against F^ and 
as reported by Karla and Gal et al15*
Basicity scale or BDP BDP0 S1 fl S2 f2 8* n S,D.b
Corr, 
Coeff,
-AH'
CHCI3/C6H12 4.3 1.4 0.1 2.4 0.4 60 14 6 0,2 0,989
~AH'
4-fluorophenol/pure base 6.4 3,4 0,3 3.1 0.7 42 17 21 0.5 0,947
Gutmann's DN ; -AH* Mbull 5 23.9 16,6 1.0 14,0 2,7 40 16 18 1,7 0,981
-AH'*"
HFIP/CCU 7.9 3.0 0.2 1.5 0,6 27 19 10 0,3 0,981
Maria and Gal's -AH*
Br3
23.4 14,3 0.8 -0,9 2,0 -4 18 20 1,5 0,973
flrnelt'5 -4HCC1. 4 HSOaF 27.9 24,8 1,2 -10,2 3,4 -22 17 21 2,3 0,982
-AH*SCh/pure base 10,6 5,7 1,0 -5.8 2,3 -45 112 10 1,2 0,922
-AH*b/hexane or C C h 5.2 5,6 0,4 -7,1 0.9 -51 14 16 0,6 0,981
a BDP®, Si and S2  refer to enthalpies in kcal.mol-1. The 
standard error on 0 has been calculated in this work, 
b S.D. is the overall standard deviation of fit in
kcal.mol-1
c Maria and Gal et aVBi originally reported a 0 of 29°
for this BDP. However, their correlation was repeated
in this work because data that actually refers to
Ff F-di methyl ace tamamide had mistakenly been applied to
Ft J^-dimethylformamide . 
d BDP is reported155 to be linear with pKa.
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Alt hough Maria and Gal and co-workers correlated many 
different BDP's against Ft and F2, values of BDP„, St and 
Sz were only reported for some enthalpy related BDP's. 
These correlations have been reproduced in table 5.3. 
However, the error in 0, cr <0 > , was not reported and so this 
has been calculated by first finding the standard deviation 
of the ratio S^/St , (tCSz/St), through equation 5.4 and then 
substituting this value into equation 5.5;
where o' t and o’z are the respective standard deviations of 
St and Sz. The right hand side of equation 5.5 is the first 
term of a Taylor expansion, but should still yield suitable 
estimates of cr(0> for cases in which cr (S^/St ) is small.
In table 12, a very wide range of 0 values have been 
obtained for both hydrogen-bonding and nonhydrogen-bonding 
systems. The 0 parameter thus provides an excellent 
criterion with which to examine the relationship between 
log Kmb and other basicity scales. This is explored in 
section 5.4, but firstly, in an attempt to more closely 
investigate the family-dependent behaviour within hydrogen 
bonding itself, the 0 analysis has been applied to the 
correlative and noncorrelative hydrogen-bonding reference 
sets identified in section 3.4.
+ (5.4)
O' <0 )
1 + <Sz/Si>2
O' (Sz/S, ) 180 (5.5)
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5.3 0 VALUES FOR FREE ENERGIES OF HYDROGEN—BOND ING
Before 0 values for the various reference acid/solvent 
sets may be suitably compared, it has to be decided which 
of these contain basicity data suited to a multiple 
regression analysis in terms of the factors, Ft and F2. 
These factors are only known for the 22 bases in table 5.2, 
and it is thought reasonable that a set should contain at 
least six of these bases in order to give a meaningful 
correlation. As pointed out by Maria and Gal and co­
workers, it is also important that the various classes of 
bases are represented so that the necessary orthogonality 
between Ft and Fz is maintained. For this reason, only sets 
that contain data for at least one of the known polar bases 
and one of the known pyridine or aliphatic amine bases can 
be included. Obviously, the more bases and the more classes 
represented in the analysis, the greater will be the 
reliability of 0. However, because of the confusion in the 
literature concerning the statistical correction of 
equilibrium constants, it is unadvisable to include 
1,4-dioxane.
Of the 39 reference sets contained in the data matrix, 
26 of these meet the above requirements. In addition, data 
for 4-fluorophenol in various 'inert' solvents as measured 
by Taft et al156 may be included as separate sets. This 
gives a total of 31 hydrogen-bond donor systems which have 
been subjected to the multiple linear regression analysis 
using equation 5.3. The results of these are presented in
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table 5.4, together with the standard deviations of the 
constants Si, S2, and 0.
For nearly all the sets investigated, the log K® data 
is well-correlated and 0 is well-defined with standard 
deviations typically only 2 4 or 3°. The most obvious 
exception is the 1-butanol/CCl^. set, but this is probably a 
result of having only 6 bases in the regression combined 
with what appears to be a slightly low value for 
tetrahydrofuran.
Most importantly, the sets reported in section 3.4.1 as 
being correlative with phenol/CCl^t all have 0 values in the 
range 64® to 73®, with the exception of t-butanol/CCl* 
whereby 0 has been defined by only a single pyridine. In 
other words, over this comparitively narrow 0 range, it is 
impossible to determine any family-dependent behaviour 
within measurement error.
On the other hand, the sets previously identified as 
noncorrelative (apart from pentachlorophenol/CC1A) all have 
0 values in the range 77® to 86® This must indicate that 
these sets have a greater response to an electrostatic 
character relative to a correlative set and hence 
establishes 0 as an informative property of a hydrogen-bond 
donor system.
Table 5.4 Comparison of 0 for Different Hydrogen-Bond
Donor Reference Sets <This Work)
No,, Reference Set log Kq S1 ffl S2 f2 V S2 O' n S,Da
Corr, 
Coeff,
1 phenol/CCh 1,54 1,15 0,04 2,73 0,12 2,38 67 ±1 19 0,08 0,994
2 4-f luorophenol/CCh 1,68 1,20 0,04 3,35 0,07 2,79 70 ±1 15 0,05 0,998
2a 4-fluorophenol/CeHi2 1,72 1,42 0,17 3,60 0,22 2,54 69 i3 5 0,09 0,997
2b 4-fluorophenol/CsHsCl 1.34 1,40 0,20 2,84 0,25 2,03 64 14 5 0,10 0,993
2c 4-f luorophenol / o-CsHsdz 1,40 1,35 0,12 2,63 0,22 1,95 63 13 6 0,11 0,993
2d 4-fluorophenol/CICH2CH2CI 0,96 1,49 0,10 2,26 0,17 1,51 57 ±3 6 0,08 0,995
2e 4-fluorophenol/CH2CH2 0,90 1,43 0,10 1,92 0,18 1,34 53 13 6 0,09 0,994
3 4-chlorophenol/CCI4 1,86 1,37 0,08 3,31 0,17 2,42 68 12 12 0,10 0,994
4 4-bronophenol/CCU 1,87 1,43 0,10 3,62 0,18 2.54 69 12 8 0,09 0,995
5 4-iodophenol/CCU 1,81 1,58 0,35 3,76 0,42 2,39 67 15 6 0,17 0,982
6 4-nitrophenol/CCh 2,43 1,97 0,10 4,67 0,32 2,38 67 12 6 0 . 1 1 0,997
7 4-methylphenol/CCl4 1,39 1,24 0,11 2,99 0,20 2,41 67 12 8 0,10 0,991
9 4-methoxyphenol/CCl4 1.41 1,13 0,07 3,05 0,15 2,69 70 11 9 0,08 0,995
16 water/CCU 0,46 0,65 0,13 1,70 0,29 2,60 69 15 9 0,13 0,938
17 Riethanol/CCh 0,47 0,60 0,08 1,97 0,22 3,27 73 13 13 0,13 0,960
18 ethanol/CCL 0,34 0,77 0,08 1,89 0,18 2,41 67 13 9 0,09 0,986
19 l-butanol/CCU 0,26 0,35 0,16 0,74 0,83 2,11 65 126 6 0 , 1 0 0,855
20 ji-butanol/CCU 0,18 0,39 0,04 2,19 0,09 5,60 80 11 6 0,03 0,999
21 TFE/CCU 1,38 1,03 0,07 3,18 0,18 3,08 72 12 13 0,09 0,994
22 HFIP/CCU 2,38 1,58 0,09 3,23 0,23 2,04 64 12 11 0 , 1 0 0,996
24 aaleimide/CCU 1,06 0,89 0,09 2,44 0,19 2,73 70 12 7 0,08 0,996
25 succininide/CCh 1,03 0,97 0,18 2,04 0,41 2 , 1 0 64 16 7 0.17 0,979
29 4-nitrophenol/CHsCCl3 2,23 1,55 0 , 1 0 3,93 0,37 2,54 68 12 11 0 , 1 1 0,992
30 pentachlorophenol/CCU 1,48 1 , 6 6 0,08 2,33 0 , 2 0 1.41 55 13 9 0,09 0,996
31 pyrrole/CCL 0,51 0,63 0,09 3,02 0,26 4,77 78 12 11 0,09 0,973
32 indole/CCU 0,64 0,50 0,15 3,82 0,48 7,63 83 12 8 0,13 0,979
33 5-fluoroindole/CCU 0 , 8 6 0,63 0,16. 2,78 0,25 4,38 77 13 12 0,18 0,967
34 4-bromoaniline/CCl4 0,15 0,18 0,05 2,41 0 , 1 2 13,46 86 11 8 0,05 0,995
35 diphenylaraine/CCh 0 , 2 0 0 , 2 2 0 , 1 2 2,78 0,31 12,91 86 12 13 0,17 0,946
38 A'-iethylaniline/CsH^ 0,18 0,19 0,25 2,14 0,65 11,17 85 17 8 0,27 0,834
39 trichloromethane/CCU -0,36 0,36 0 , 1 0 1,76 0 , 2 0 4,83 78 13 9 0 , 1 1 0,968
41 irichloronethane/CsHi2 0,06 0,32 0,07 2,61 0,19 8,27 83 12 11 0 , 1 0 0,981
a overall standard deviation of fit in log K° units
As already pointed out, the pentachlorophenol/CCl* set 
displays high log K° values for pyridines relative to polar 
bases and consequently, it has the lowest 9 value of any 
CCl.*-based set. Some possible explanations for this are 
presented in section 4.1.1, but it could also be that an 
electrostatic/covalent effect is involved. Without suitable 
data for aliphatic amines however, this is difficult to 
assess.
5.3.1 EFFECT OF SOLVEFT POLARITY OF 0
Hitherto, family-dependent behaviour within hydrogen- 
bond free energies has only been examined with respect to 
reference sets employing different hydrogen-bond donors. 
However, to more fully realize the applicability of 
log Kmb , it is also of interest to compare sets of a common 
donor, but which employ different inert solvents. The 0 
parameter provides a way of making such comparisons.
Taft et al1E6 tested the linearity of 4-f luorophenol in 
various aprotic solvents against pKno. As the solvents 
became more polar, systematic deviations in log K° for 
triethylamine and pyridines (ascribed to a solvent-induced 
partial ionization) were found. Although two of these sets 
are only analysed in terms of five bases, they are included 
in table 5.4 and reveal some interesting features. For 
example, Si appears to be virtually independent of the 
solvent, meaning that any difference between the sets is 
centred on S2 . This is consistent with the idea that Si is
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indicative of the short-range electron delocalization 
within the complex, and that S2  is more a measure of the 
long-range electrostatic contribution. Moreover, it is 
found that as the solvent polarity increases, S2 decreases 
exactly as expected.
It is often assumed that long-range dipole-dipole 
interactions are proportional to pB/e where p.** and
are the dipole moments of the acid and base and e is the 
solvent dielectric constant. For the sets analysed by Taft 
et al’56 there is in fact a reasonable connection between S2  
and the quantity 100/e, as shown by table 5.5.
Table 5.5 Variation of S^ and 0 for 4-fluorophenol
with Solvent Dielectric Constant
Solvent S2 0* 100/e
cyclohxane 3. 603 69 49. 63
tetrachloromethane 3. 347 70 44. 88
chlorobenzene 2. 839 64 17. 79
o-dichlorobenzene 2. 632 63 10. 07
1,2-dichlorobenzene 2. 258 57 9. 78
dichloromethane 1. 918 53 11. 20
It is worth pointing out that the second term in the 
Klopman reactivity equation (see section 4.2.3), referring 
to the electrostatic contribution of a donor-acceptor 
reaction, is also inversely proportional to e. (i.e. this
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theoretically derived equation also accounts for the same 
solvent effect).
It can be concluded that as it stands, log Kwe is more 
applicable to low polarity media. Nevertheless, significant 
corrections need not really be made until the dielectric 
constant increases to about 10.
These observations have important implications with 
respect to the use of log KH© in QSAR. For example, 
1, 1, 1-trichloroethane <<= = 7.53) has a dielectric constant 
comparable to octanol <e = 10.3) and, for this reason, the 
4-ni trophenol/CHsCCla set has been thought of as an 
appropriate model system in QSAR sudies128. However, it is 
now regonized that 4-nitrophenol is not such a good model 
for the amide N-H donors predominating at a receptor site. 
Nevertheless, it could be speculated that since a more 
polar medium results in a decrease in 0 and, generally 
speaking, exchanging an 0-H for an N-H donor results in an 
increase in 0, it may be that 0 for log Km b is not so very 
different from that for some ’ideal' drug receptor model.
The above rationale is not entirely supported by the 
results reported in table 5.4. These show that the 0 values 
for 4-nitrophenol/CHaCCla and 4-nitrophenol/CC1* are 
indistinguishable within the reported errors. Perhaps this 
is not a particularly representative comparison, however, 
simply because the analysis of the aforementioned set does 
not include triethylamine and that of the latter does not 
include any pyridine or ether bases.
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5.4 COMPARISOF OF log K® WITH OTHER BASICITY SCALES
Section 5.3 has shown that the 0 value is a convenient 
parameter for assessing the likely family-dependent 
behaviour displayed between different BDP's in cases where 
hydrogen-bonding systems are compared. However, 0 was 
originally defined by Maria and Gal et al154 as a way of 
comparing the complete spectrum of basicity properties and 
these workers have already established 0 for a number of 
important basicity scales. For some of these BDP's, the 
coefficients Si and S2  were also reported and have been 
reproduced in table 5.3. The error in 0, however, has been 
calculated in this work.
All the BDP's in table 5.3 are enthalpy related, but it 
is perhaps be more relevant to compare log KM© with other 
free-energy related properties. Unfortunately, for all 
nonenthalpic BDP's (i.e. those which are related to a free- 
energy or spectroscopic property), Maria and Gal et al have 
only reported a 0 value and a correlation coefficient.
There seems little point in comparing different 0 
values for different basicity scales if the error in 0 has 
not been calculated. Therefore some of the 0 analyses 
reported by Maria and Gal et al for which the errors are 
not known have been repeated here. These results are 
included in table 5.6 together with some additional 
analyses of BDP's not previously reported.
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Table 5.6 Comparison of 0 for a Range of BDP's
Basicity scale or BDP BDP « s, ffl S2 f2 8' n S.D,a
Corr,
Coeff,
log Kg from this work 1,659 1,240 0,05 3,244 0,13 69 11 20 0,10 0,993
Kanlet and Taft's B parameter*5'c 0,617 0,312 0,02 0,679 0,06 65 12 19 0,04 0,977
A C'^
^*4-f luorophenol/CCU 2,381 0,935 0,08 2,020 0,16 65 13 12 0,12 0,981
A e 
ppm5-f luoroindole/CCU 1,193 0,581 0,08 1,570 0,16 70 13 10 0,09 0,971
4-f luorophenol/CCU 351,8 372,5 28,8 -174,2 62,5 -25 18 19 47,6 0,958
A b'f
^phenol/CCU 338,2 318,8 13,0 -138,1 33,3 -23 15 19 24,8 0,988
Sherry and Purcell's Bb ; 6,14 3,48 0,26 -0,72 0,67 -12 ill 11 0,37 0,979
log Klb .. .3 U/heptane 1,01 2,74 0,14 -0,98 0,33 -20 16 17 0,25 0,982
„ haqueous pKa -1,10 13,31 0,57 -9,21 1.74 -35 15 18 1,04 0,989
-Afi®^ '* 
NH4VH2O
-12,71 12,98 0,80 -15,23 1.87 -50 14 9 0,95 0,993
pKa in acetonitrileJ 5,04 14,97 0,79 -3,42 2,50 -13 19 8 0,86 0,994
a overall standard deviation of fit
b data originally compiled by Maria and Gal et ai1su
c a 0 value is also reported by Maria and Gal et al'Si
d limiting 1 nmr shifts in ppm for 1:1 hydrogen-bond
formation with 4-f luorophenol70 
e limiting 1 nmr shifts in ppm for 1:1 hydrogen-bond
formation with 5-fluoroindole in CC1*.'49 
f IR shift in cm-1 for 1:1 hydrogen-bond formation
g analysis based on heats In kcal.mol-1
h aqueous pKa data for bases 1, 2, 5, 6, 7, 8, 10, 11,
13, 14, 15, 16, 17, from the compilation of Benoit and
Louis61, data for bases 12, 18, 20, 21, 22 from the
compilation of Perrin157 (see table 5.T> 
i data in kcal.mol-1 compiled by Taft et al150
j data compiled by Benoit and Louis61
- 133-
In table 5.6, the log KHB scale is seen to have a 0 of 
69°±le, which, as expected, is a value typical of the 
correlative reference sets included in table 5.4.
Taft's pKHB (see 4-f luorophenol/CC1*. in table 5.4) and 
the Kamlet and Taft sol vatochromic J3 parameter are scales 
of hydrogen-bonding ability having almost the same 0 value 
as log K m e». These three scales will therefore show family- 
independent behaviour but should all display family- 
dependent behaviour with any of the other thermodynamic 
basicity properties listed in tables 5.3 and 5.6.
All nonhydrogen bonding scales and BDP's are seen to 
have a 0 value less than that for log Km b , which implies 
that of all the usual acid-base interactions, the free 
energy of hydrogen bonding has the greatest relative 
contribution from electrostatic effects.
5.4.1 PROTOfl-TRANSFER SYSTEMS
The relationship between between the hydrogen-bond 
acceptor ability of a base and its basicity with respect to 
proton transfer has long been of particular interest. The 
first serious attempt to relate hydrogen bonding with 
proton transfer was probably that of Gordy and Stanford,S9 
in 1941. They found a rather good correlation between 
Harnett's newly devised estimates for the pKa's of 
protonated weak bases and infrared frequency shifts 
produced by interaction with CHsOD.
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Table 5.7 Comparison of 
Base
log withX>
lo« k b
pKa and P.A. 
pKaa P. A*
nitrobenzene 0. 482 -12. 1 193
F, F-di methylani 1 ine 0. 527 5.1 223
acetonitrile 0. 933 i o o 188
ethyl acetate 0. 968 -6.9 201
diethyl ether 0. 988 -3.6 200
acetone 1. 205 -7.2 197
tetrahydrofuran 1. 264 -2. 1 199
cyclohexanone 1. 325 -6.8 201
pyridine 1. 797 5.2 221
2,6-dimethylpyridine 1. 858 6.6 228
4-methylpyridine 1. 937 6. 0 225
F, Jl^dimethylformamide 1.973 -0.7 211
triethylamine 2. 001 10.8 232
2,4, 6-trimethylpyridine 2. 114 7. 4
F, Jl/^dimethylacetamide 2. 283 0 . 1 217
tetramethylurea 2. 346 0. 4
trimethyl phosphate 2. 431 212
17-methyl-2-pyrrol idi none 2. 445 0.2 217
dimethyl sulphoxide 2.492 -1.8 211
a aqueous pKa (i.e. pKBH-*-) from the compilations of
Benoit and Louis61 and Perrin157 
b Absolute proton affinities in kcal.mol-1 from the
compilation of Lias et al160
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Perhaps of greater relevance, however, is the 
comparison of pKa with a free-energy hydrogen-bonding 
property. This opinion was expressed by Taft et al69 on 
finding that a family-dependent correlation existed between 
pKa and their pKma scale. Somewhat later, Kamlet and Taft’6’ 
used an analogous relationship between pKa and their J3 
scale to define a new coordinate covalency parameter which 
could be used in combination with J3 to enlarge its field of 
application. Since then, the Kamlet and Taft group have 
given much publicity to the fact that scales of hydrogen 
bonding and proton transfer are not mutually equivalent. 
Indeed, to emphasize this point, table 5.7 compares 
log Kh b , aqueous pKa (i.e pKb h+) and proton affinity for a 
diverse range of bases (listed in order of log Km b > .
Zeegers-Huyskens162 has recently pointed out that g a s -  
phase protonic equilibria might be expected to c o r r e l a t e  
much better with hydrogen-bond properties than the a q u e o u s  
pKa values. She used a large body of literature d a t a  to 
relate the enthalpy of hydrogen bonding, - a H 4hb, w i t h  the 
difference between the proton affinity of the anion of the 
donor and that of the neutral base, aPA. Furthermore, in a 
companion publication163, the free energy of h y d r o g e n  
bonding, -aG'hb, was related to the difference in the g a s -  
phase acidity of the proton donor, GA, and the gas-phase 
basicity of the acceptor, GB. Equations of the form;
— a H ° h b  — A1 — a1AP A (5. 6a >
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- a G ° h b  — A — a (GA—GB) (5.6b)
were established for both OH - -0 and OH - - IT systems, but were
shown to hold only for closely related complexes. In the 
case of oxygen acceptors, it was found that sp3 ether bases 
and sp2 carbonyl bases are correlated by different values 
of the intercept (A or A1) and slope (a or a'). Similarly, 
in the case of nitrogen acceptors, nitriles, pyridines and 
anilines all need to be distinguished. Zeegers-Huyskens 
accounted for these family-dependent correlations mainly in 
terms of entropic, rehybridization and resonanance 
stabilization effects.
Schullery and Scott’6* have attempted to account for the 
family-dependent relationships that have been reported 
between hydrogen-bonding and proton-transfer abilities. 
They have theoretically derived (and used literature data 
to test) a multi-step phase transfer pathway which predicts 
such a relationship between nonaqueous hydrogen-bonding 
log K values and corresponding aqueous pKa values.
Following on from these works, it is therefore of 
interest to compare the 9 values for number of proton-
transfer systems. Maria and Gal et al’5* have already shown
that the first basicity factor, Fi , is linear with gas- 
phase proton affinity and hence this particular BDP has a 9 
of 0° by definition. In table 5.6 is reported the 9 
analysis of three more proton-transfer systems:
Firstly, the aqueous pKa of the protonated base, using 
mainly the data compiled by Benoit and Louis61 with some
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additional values taken from Perrin167. Although it is well- 
known that pKa values for weak bases are uncertain, the 
correlation is nonetheless reasonable with 9 = -35^5°.
Secondly, the free energy of protonation of a base by 
the ammonium ion in aqueous solution as reported by Taft et 
al158. This BDP should, in principle, have a different BDP» 
term but an identical 9 value to aqueous pKa. Bearing in 
mind the errors, the 9 value obtained for this BDP, 
-50^4°, is in reasonable agreement with that found for 
aqueous pKa itself.
Thirdly, analysis of the data collected by Benoit and 
Louis61 for the pKa of the protanated base in acetonitrile 
resulted in a 9 of -13°±9°.
Table 5.3 reports an additional protonation system, the 
transfer enthalpy of a base from CCl*. to HS03F, for which 
9 = -22°±7°. Although this BDP is enthalpy related, it was 
originally thought to be colinear with aqueous pKa and, as 
such, provided a means of estimating pKa values for weak 
bases156. Indeed, it was later used by Arnett et al13 as a 
measure of proton-transfer basicity in a direct comparison 
with hydrogen bonding.
From the reported 9 values, it can be seen that all the 
thermodynamic scales of proton-transfer basicity so far 
investigated display family-dependent behaviour with 
log Kmb and, to a lesser extent, within themselves. It 
should be pointed out however, that the Maria and Gal 
approach assumes that a BDP can be characterized entirely 
from the relative response to the electrostatic and
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covalent properties of a base at the molecular level. This 
seems plausible in cases where interactions are simply 
' donor-acceptor' , such as those in the gas phase or in 
poorly solvating media-, but it is not clear if the same can 
be said for tertiary systems, i.e. when the solvent itself 
is an interacting species. For example, it may be that the 
9 value for aqueous pKa is simply an empirical measure of 
its family dependency, the origins of which may not be 
exclusively related to the response to the principal 
basicity factors, but perhaps also involves some family- 
dependent specific solvation effects. Nevertheless, it is 
still interesting to find that the 9 value for proton- 
transfer basicity decreases with increasing solvation (in 
going from the gas phase to acetonitrile to water), exactly 
the trend that was observed for hydrogen-bond formation 
with 4-fluorophenol.
5.4.2 LEWIS SYSTEMS
In section 2.2.2, the two most important scales of 
Lewis basicity (those devised by Gutmann and by Maria and 
Gal) were introduced. Maria and Gal et al1B* have subjected 
these scales to the 9 analysis and their results are 
reported in table 5.3. The Maria and Gal scale, which is 
enthalpy related and uses boron trifluoride in CH^Cls* as 
the reference acid system, has a 9 value of -4°±8°. 
Therefore although the solvent is more polar, this 9 value 
is comparable with those reported for the enthalpy of
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interaction with typical hydrogen-bond donor systems, for 
example HFIP/CCl*. = 27#±9° and TFE/CCl* = -12°±114. This is 
consistent with the ideas of Pearson59 who has classified 
both boron trifluoride and general hydrogen-bond donors as 
hard Lewis acids (see table 2.1).
On the other hand, it is surprising to find that the 
Gutmann scale, which is also enthalpy related employing 
antimony pentachloride in 1,2-dichloroethane as the 
reference system, has a significantly greater 0 value of
404±6°. It should be noted however, that the validity of 
the original enthalpy measurements have been questioned by 
several workers66-164, particularly the value for
tr iethylamine. Indeed, for this base Maria and Gal et al
used the value of 31.7 kcal.mol-1 quoted by Taft et al16* in 
pref erence to Gutmann's165 value of 61.0 kcal . mol-1> or the 
most recent value of 48.4 kcal.mol-1 obtained by Bollinger 
and co-workers165. This large uncertainty in the value for 
triethylamine will contribute to a much greater uncertainty 
in 0 than that reported here and so makes the BDP more
difficult to evaluate.
Table 5.3 also reports the analysis of enthalpy data 
for two other Lewis acid systems, I2  in hexane or CCl^ . and 
the solution of gaseous SO2  in the pure base. Both of these 
Lewis acids are categorized as soft59 and so the lower 
9 values of -51°±4° and -45*±12°, respectively, are 
consistent with the electrostatic/covalent model.
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5.5 THE IJTTERREL AT IONSHI PS OF THERMODYNAMIC AND
SPECTROSCOPIC PROPERTIES OF HYDROGEN BONDING
In evaluating the thermodynamics of a hydrogen-bond 
donor system, it is common practice to intercorrelate free- 
energy, enthalpy, entropy and in some cases spectroscopic 
properties, for a series of bases.
Spencer et al167 have recently analysed the
thermodynamic parameters for the interaction of a number of 
bases with 3-methylphenol in CCl^ .. For this system, they 
found that -AG increases as the dipole moment, jll , of the 
base increases, but surprisingly -AH and -AS decrease. 
These effects were accounted for purely in terms of dipolar 
interactions between the free base and the solvent. It was 
suggested that the complex enthalpy decreases because as  ^
increases, the increase in the free base-solvent 
interaction is not compensated by either complex-solvent 
interactions or dipolar interactions within the complex 
itself. Similarly, the same free base-solvent interactions 
also result in a smaller loss of entropy on complexation. 
It was further shown that the entropic effect more than 
compensates the enthalpic effect and it was proposed that 
it is this which leads to the corresponding increase in 
-AG.
Maria and Gal et alXBA also attempted to find the 
relationship between the thermodynamic and spectrosopic 
properties within a hyrogen-bond donor system. By 
determining their responses to the principal basicity
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factors, they observed that within a particular system, 0 
increases in the order -AS < AVoh < -AH < -AG. It can be 
seen that if S2  is considered to be quite closely related 
to p, then this order exactly parallels the findings of 
Spencer et al'67. However, Maria and Gal et al did not 
consider solvent interactions, but explained this result in 
terms of the likely contributions from electrostatic and 
charge-transfer effects within the complex formation.
It was proposed that -AS is largely determined by the 
stiffness of the donor-acceptor bond and, as such, was most 
dependent on the short-range charge-transfer interaction. 
Avoh, as a measure of the change of electron density in the 
0-H bond, was assumed to be slightly more senstive to 
polarization and hence electrostatic effects. -AH, on the 
other hand, was thought to be representative of the total 
bond energy and thus responds more to an electrosat ic 
interaction than either -AS or A v o h . Finally, it was 
reasoned from AG = AH - TaS, that -AG should indeed have 
the greatest dependence upon long-range electrostatic 
interactions and hence the greatest value of 0.
It is not easy to see which of the two alternatives 
discussed here best explains the apparent relationship 
between the thermodynamic properties. Certainly, both 
proposals rationalize the family-dependent aH-aS and aG-aH 
correlations that have so often been reported for hydrogen- 
bonding systems8-17-168. However, a logical extension of the 
Spencer approach would seem to imply that as the polarity 
of the solvent increases, the extent of free base-solvent
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interactions will also increase and hence the relative 
contribution of jjl to -aG must increase. This, in turn, 
infers that the 0 value for log K° data should increase 
with solvent polarity which is, of course, totally 
inconsistent with observation.
The Maria and Gal et al hypothesis, on the other hand, 
has already been shown to successfully predict the observed 
decrease in 0 with increasing solvation and therefore 
probably represents the better description.
5.5.1 THE BADGER-BAUER RELATIONSHIP
In 1937, Badger and Bauer169 proposed that for hydrogen- 
bond formation between an 0-H acid and a series of bases, 
there exists a linear relationship between the enthalpy of 
hydrogen bonding and the frequency shift of the 0-H 
stretching vibration, Avon. Since then, this correlation 
has been supported by several research groups, notably 
those of Drago170-1711,72 and Purcell71 •72-173 whereas it has been 
challenged by others <e.g. the Arnett17 and Gramstad133-,7*>175 
groups), who maintain the relationship is family dependent.
Since A vo h  is a much more straightforward property to 
measure than AH, it is particularly imporatant to fully 
appreciate the validity of the Badgei— Bauer relationship. 
For example, the extent to which the relationship holds 
determines the applicability of the extensive Avoh scale 
originally compiled by Koppel and Paju176 and later extended 
by Makitra et al177.
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The arguments for and against the relationship have 
been critically reviewed by Joesten and Schaad (ref. 8, 
pp 208-221). However, the Maria and Gal approach may help 
to clarify the situation still further.
In tables 12 and 15 are given the analyses for several 
AH and avoh hydrogen-bond BDP's. Ignoring CHCls as a donor, 
then for -AH, 0 varies between -12° for TFE/CCl^. to 42° for 
the 4-fluorophenol/pure base system. This compares with 
values for Avow of -23° and -25° found in the present study 
for phenol/CCIa and 4-fluorophenol/CCIa, respectively, and 
also with -19° and -36° reported by Maria and Gal et al'BA 
for TFE/CCl^. and cyclohexanol/CCl^t, respectively. The 0 
value for AH therefore appears much more sensitive to the 
exact nature of the system than does either AG or Av and, 
as proposed by Maria and Gal et al, often lies somewhere 
between these other two. Perhaps it is the combination of 
these two observations which could possibly account for the 
controversy surrounding the Badger— Bauer relationship.
Based on the range of 0 values discussed for both pKa 
and A Vo h , it is easy to see why Gordy and Stanford159 had 
first thought that a linear relationship existed between 
hydrogen-bonding and proton-transfer abilities. It also 
clarifies why some workers163-178 have thought fit to unify 
aqueous base pKa data by first testing for a correlation 
with the shift of the Von band of methanol measured in a 
solvent of low polarity.
In section 9.2, some of the results obtained in this 
work are used to reappraise the Badgei— Bauer relationship.
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5.5.2 NMR CHEMICAL SHIFT CORRELATIONS
Together with shifts in 0-H stretching frequency, nmr
shifts associated with hydrogen-bond formation have also 
been used in examining the possible correlations between 
thermodynamic and spectroscopic properties.
Gurka and Taft70 reported a linear relationship between 
pK h b  and the li mi ting 19F nmr shift, A, for 1. 1 hydrogen 
bond formation with 4-f luorophenol in CCl*. Taft et al149 
later attempted to show the pKM© scale could be applied to 
an N-H donor by measuring formation constants and 
corresponding A values for association of bases with 
5-fluoroindole in CCIa. These workers found that although 
log K° values for this reference set displayed a family- 
dependent correlation with pKM©, the A values were 
essentially linear, and on this dubious basis, it was
maintained that pKwe is general to N-H donors.
As it stands, it certainly seems difficult to explain 
these observations in terms of the electrostatic/covalent 
model, a view already expressed by Panchenko et alXS3. The 0 
values in tables 13 and 15 may, however, provide a valuable 
insight to the problem. In the case of the
4-fluorophenol/CCl* set, log K° <i.e pKwe) and A have 0 
values of 70e±l° and 65°±3°, respectively, whereas for the
5-f luoroindole/CCl^. set, the respective values are 77°±3° 
and 70°±3°. It can therefore be seen that although the
internal relationship between log K° and A is approximately 
the same for both sets, nevertheless, the A value for
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either system displays essentially family-independent 
behaviour with pKine.
Despite these analyses of 13F nmr shift data, the
position in terms of 8 of the more commonly measured A-H
proton nmr shift is questionable. Linear correlations have 
been reported for this property with aH71-173',79, Av180'181 and
even the base pKa,82<ie3. Moreau-Descoings et al184 have also 
studied 13C nmr shifts for the C-O-H••B hydrogen bond. They 
reported that there is a linear relationship between this 
property and avow for the interaction of a series n and tu
bases with phenol. Therefore, in the case of nmr shifts, it
appears difficult to anticipate the likely response to the 
principal basicity factors.
5.6 FAMILY DEPENDENCY AND THE SOLVATOCHROMIC £ SCALE
Family dependency has only recently been identified'85 
as a cause for concern in both the application and 
formulation of the Kamlet and Taft solvatochromic |3 scale. 
Originally, five base-dependent properties were averaged in 
order to define the first J3 scale76. These included the 
solute properties, pKn©» A1 3F <4—f luorophenol/CC1 a.) and 
log K 0 (Phenol/CCIa) , all which have 0 values very close to 
70c, together with two solvent properties, the enhanced 
solvatochromic shifts of 4-nitroani1ine relative to 
N, J7-diethyl-4-nitroani line and 4-ni trophenol relative to
4-nitroanisole.
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Using the more recent results of Laurence et al185, 
Maria and Gal et al’54 have shown that although aniline-type 
indicator pairs also have 0 values around 70°, a value of 
2° is given by the 4-nitrophenol/4-nitroanisole pair. 
However, the fact that Kamlet and Taft did not report a 
family-dependent correlation between the two indicator 
systems they employed is probably a result of the range of 
bases originally measured.
It is interesting to note.that, as is the case with the 
solute properties, the stronger 0-H solvatochromic 
reference system has a lower 0 than a corresponding N-H 
system. This, together with some of the other trends and 
proposals that have been put forward, makes it possible to 
formulate rules (i-»iv> summarizing the likely directional 
change in 0 on moving from one BDP to another:
i) for hydrogen-bond donor systems, 0 decreases for 
a stronger 0-H donor relative to a weak N-H or 
C-H donor;
ii) for Lewis acid systems, 0 decreases for a soft
acid relative to a hard acid;
iii) for reference sets incorporating a common acid, 8
decreases as the nonspecific solvation of the
interacting species increases;
iv) for a given reference set, 8 increases in the
order, -AS < AVoh < -AH <-aG.
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6 METHODS OF DETERMIHIHG THE THERMODYHAMIC
PARAMETERS OF 1:1 HYDROGEH-BOMD FORMATIOH
A brief review of the literature reveals that the 
thermodynamics of hydrogen bonding is usually investigated 
by application of the van't Hoff relation to equilibrium 
constants measured at several temperatures. Generally
speaking, spectrometric methods have been employed to
obtain these equilibrium constants and since about 1960, 
emphasis has been placed on improving their accuracy. 
However, regardless of the method used, careful attention 
must always be paid to temperature control and measurement.
6.1 EQUILIBRIUM COHSTAHT DETERMIHATIOHS
The reaction of a hydrogen-bond donor or acid, A-H with 
an acceptor or base, B, is assumed to occur rapidly giving 
a 1:1 hydrogen-bonded adduct, A-H--B. In order to minimize 
self-assocition of the acid and also to approximate ideal 
conditions, equilibrium studies are mostly carried out in 
dilute solution. It is therefore customary to take the 
activity coefficients of all the interacting species as
unity and to calculate the equilibrium constant, K, as;
K = c/ab <6.1)
where a, b, and c are the equilibrium concentrations of the 
acid, base and hydrogen-bonded complex, respectively.
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Equilibrium compositions are usually expressed in 
terms of molarities, although mole fractions and molalities 
are also used. Provided the solutions are sufficiently 
dilute, it is a straightforward procedure to interconvert 
the respective constants,
6.1.1 INFRARED AFD FEAR-1STFRARED METHODS
It is evident from the review of Joesten and Schaad0 
that the overwhelming majority of all hydrogen-bond 
equilibrium constants have been determined by ir and neai—  
ir methods. The specific advantage of these over other 
spectrometric techniques is that the concentration of the 
free acid species may be measured directly, allowing a 
straightforward calculation of the equilibrium constant. In 
the case of ir, use is made of the free 0-H or N-H
fundamental around 3500 cm-1, whereas the first overtone of 
this band around 7000 cm-1 is used in the case of neai— ir.
It is necessary to work over a concentration range that 
results in negligible self-association of the acid. In the
absence of any base, this range may be determined as the
linear region of a Beei— Lambert law plot of the maximum 
absorbance, A, of the free 0-H (or N-H) band versus the
molar concentration of the acid. The molar absorptivity, e, 
of the free acid is then calculated as the slope of this 
linear region divided by the path length, 1,- in cm.
The free acid absorbance of a solution containing both 
the acid and base at known initial concentrations, a^ and
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bo, respectively, is then measured. Using the values of e 
and 1, the equilibrium concentration, a, of the free acid 
may be obtained from;
a = A/e 1 (6.2)
It is easy to show that if the simple 1:1 acid-base adduct 
is the only complex species, then the equilibrium constant 
is given by the equation;
K = (a° a> (6.3)
a(bo ~ ao + a)
A difficulty of the neai— ir method relative to the ir 
method is the much smaller magnitude of e. This, in turn, 
necessitates the use of longer path lengths and/or higher 
concentrations.
6.1.2 BTJCR METHODS
Since the formation of 1:1 hydrogen-bonded adducts is 
rapid, the observed chemical shift of a hydrogen-bonded 
proton at equilibrium, (Jobs, will be the time weighted 
average of the chemical shift of the uncomplexed protons in 
the free acid, 6p,, and that of the protons in the complex, 
So. If Aobs = ((Jobs — <?#=*) and A = (Sc 6'^ ) , then this 
statement may be mathematically interpreted as follows;
C / a<=, — A o b s / A (6.4)
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Fakano, Fakano and Hiquichi199 combined this expression with 
that for the 1:1 equilibrium constant to give;
1 . <a0 + bo - c) +   (6.5)
A KA
This equation contains three unknowns, A, c and K which can 
be solved by means of an iterative procedure. Firstly, 
bo/AoBs is plotted against <a0 + bo) to give a slope which 
is approximately equal to 1/A. This is substituted into 
equation 6.4 to calculate an approximate value of c. The 
value of c is then used to calculate an improved value for 
the slope- and the process is repeated until two successive 
cycles yield essentially identical values of the slope. 
Finally, the value of K is calculated from the limiting 
slope and intercept values. Fakano et al’96 demonstrated the 
validity of the above method by obtaining equilibrium 
constants for phenol with N, N-&1methylacetamide and 
propanone.
Proton magnetic resonance (pmr) has generally been used 
to study associations that are less easily obtained by an 
ir method, such as those involving the much weaker C-H and
S-H donors. For example, Gramstad and co-workers have used 
the Hiquichi procedure to measure equilibrium constants for 
the formation of a number of trichloromethane’87-188 and 
thiophenol189 adducts. More recently, the same method has 
been used by Slasinski et al190 to study the association of 
hexamethylphosphoramide with a variety of C-H donors. Other 
workers19’ -192< ’*s investigating similar weak associations have
b0
A q b s
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made use of the condition that be >> a0 in these 
experiments. Under this condition, the effect of 
complexation on the base concentration may be neglected 
(i.e. b  ^ be) and equation 6.5 reduces to the more 
convenient form;
1 1 + (6.6)
A o b s  KA
or the rearranged version;
A o b s / b e  — K (A  — A o b s ) (6.7)
A further modification by Wiley and Miller193 uses 
equation 6.4 to substitute for c in equation 6.5. The 
resulting quadratic equation may be solved to obtain a 
complex expression for A o b s . This is then fitted by an 
iterative computer method using intial estimates of K  and A 
obtained from plots according to equation 6.6.
Slejko et a.Z194 have since used a computer program to 
solve the fully derived nonlinear equation;
K = A o b s / ((A — A o b s ) •Cb o  — (Ao b s / A ) S o l ) (6.Q )
Values of K were obtained for the formation of a variety of 
trichloromethane adducts. Wong and Ng146 later used the same 
method to measure K values for extensive series of amines 
and ethers with trichloromethane in cyclohexane.
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Taft and co-workers70-149 have used 13F nmr to determine 
equilibrium constants and limiting F nmr shifts, A, for the 
association of 4-fluorophenol and 5-fluoroindole with 
numerous bases in CCl*. So as to take into account any 
medium effects as bo increases, the chemical shift, (S'®, of 
the OMe derivative of the acid is used as an internal 
standard value of £«. An equation analogous to equation 6.8 
(except where now A o b s  = (^o b s  - <9s) is solved for K and A 
by computer fitting of a titration curve. The method gives 
equilibrium constants in excellent agreement with those 
obtained from an ir method and also some van1t Hoff 
enthalpies consistent with calorimetric measurements.
6.1.3 ULTRAVIOLET AHD VISIBLE METHODS
In 1949, Benesi and Hildebrand195 formulated
equation 6.9 in order to obtain equilibrium constants from 
.Sabsorbance meaurements at a fixed wavelength;
A
ao1 = . 1 + (6.9)
A bo e cK 6c
where A is the absorbance due to the complex, 1 is the path 
length and £e is the molar absorptivity of the complex. 
This expression and the Scott196 adaptation of it were 
originally derived for Lewis acid/base reactions for which 
iodine is the reference acid. However, both have since been 
used in evaluating hydrogen-bond equilibrium constants.
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It should be pointed out that although the Benesi- 
Hildebrand equation pre-dates equation 6.6, it is analogous 
to it and so must be subject to the condition that b  ^ bo. 
However, its application is perhaps even more restricted by 
the premise that the complex is the only absorbing species.
In 1959, Rose and Drago197 derived the more general 
equation 6.10, which was applied by Joesten and Drago198 in 
studying the association of phenol with amides. Only 1:1 
adduct formation is assumed, but an independent measurement 
of the adsorption, Ab , due to the base is required;
Tr_, A — A0 — Ab , a0b0 (ec — £a — £ b )  , _ -K 1 = _______________ - 3.0 -  b0 + ______________________  (6. 10)
£ c — £ a  — £ b  A - A0 — Ab
As it stands, this equation uses absorbances referring to 
1 cm path lengths, but may be easily modified to include a 
term in 1. A0 is the absorbance due to the intial acid 
concentation, a0. The quantity A - Ao is therefore obtained 
directly by using a solution of the acid at concentration 
ao as the reference. The equation contains only two 
unknowns, K and the combined term <=e - - £ b  where € <=, and
€b are the molar absorptivities of the free acid and base, 
respectively. Although an analytical solution is possible 
if A - Ao is measured for only two combinations of ao and 
bo, a graphical method using several measurements is 
preferred. For each experiment, K—1 is plotted as a 
function of ec - e - ee. Ideally, the point of intersection 
of these curves gives the actual values of both unknowns. 
In practice however, the curves do not tend to intersect at
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a discrete point, but rather within a narrow area the size 
of which is indicative of the errors.
The Rose-Drago equation is still used in most hydrogen- 
bonding studies, although a computational method of data 
analysis is often preferredU0-l99'2Cl0, nevertheless, in order 
to improve accuracy, it is still important to optimize 
conditions such that the contribution of the complex to the 
absorbance is large and the slopes of the plots differ as 
much as possible.
Few alternative methods have been reported, although in 
1952 Hagakura and Baba201 used the intensities of the 
resolved free phenol and phenol-dioxane complex adsorptions 
to calculalute the 1:1 equilibrium constant in CCl*. Based 
on this apprach, Bellon127-202 developed a graphical- 
computational method which has been used in several 
studies, notably those of Abboud and co-workers82'119-144.
Recently, a novel method has been devised by Abraham et 
al128 using the tt -» tt* transition at 299 nm of 4-nitrophenol 
in 1,1,1-trichloroethane. Addition of base produces the 1:1 
adduct which, in electronic terms, more closely resembles 
the excited state. Time averaging therefore results in a 
bathochromic shift of the observed Xm a x . The extent of this 
shift, AX, is related to both K and the difference in the 
free and complexed acid adsorptions (defined as j3sm> 
according to the linearized equation;
A X / b e  = K<j3sm - AX) (6 .11)
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Graphical fitting therefore yields both K and j3sm. It must 
be pointed out that equation 6.11 is directly analogous to 
equation 6.7, which refers to nmr shifts, and is therefore 
subject to the same suppositions. The first of these, 
namely the b  ^ bo condition, is generally more appropiate 
to a uv methodology than to a nmr one.
However, perhaps a more critical assumption is the 
questionable relationship between the uv spectroscopic 
shift and the extent of reaction. Although this is inherent 
in the case of a nmr shift, it less likely to apply to uv 
data. Indeed, the observed Xmax for a molecule having two 
possible electronic states in equilibrium will only reflect 
the ratio of the number of molecules in each state if both 
the band symmetries and molar absorptivities of these 
states are the same. Contrary to this, it is generally 
observed that ec * £<=», as has been demonstrated140 for
4-nitrophenol in various solvents. nevertheless, the
adverse effects of this inequality appear relatively small 
and it appears that equation 6. 11 is a valid first 
approximation in determining equilibrium constants.
Probably the major advantage that uv methods have over 
other types of spectroscopy is the ability to work with 
very dilute solutions. This is particularly useful in 
assessing the hydrogen-bonding properties of amphoteric 
compounds when self-association is a major experimental
difficulty. Indeed, it is unlikely that the basicity of 
monomeric alcohols could be obtained accurately by any
technique other than uv82.
6. 1.4 MISCELLAHEOUS METHODS
a) Gas-Liquid Chromatography <glc>
Purnell203 pointed out that glc offers certain 
advantages for the study of specific interactions and for 
the measurement of association constants, It is 
particularly applicable to the hydrogen-bonding systems in 
which a low molecular weight donor (the solute component) 
interacts with a high molecular weight acceptor (the 
solvent or liquid-phase component). Using glc, it is 
possible to investigate a large number of systems both 
quickly and over a wide range of easily controllable 
temperatures. In addition, measurements of highly volatile, 
impure or scarce acids may all be made at infinite 
dilution.
In 1969, Cadogan and Purnell204 were probably the first 
workers to make a systematic study of the thermodynamics of 
1:1 hydrogen-bond formation using glc. They examined the 
association of a series of aliphatic alcohols with didecyl 
sebacate in squalane. Martire and Riedl205 also compared the 
acidity of aliphatic alcohols using di-n-octyl ether and 
di-n-octyl ketone as the liquid phase. To obtain 
equilibrium constants, heptadecane was used as a reference 
compound in correcting for nonhydrogen-bonding
interactions. In a later study121, the same method was 
applied to the association of haloalkanes with 
di-n-octyl ether and di-n-octyl sulphide.
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An excellent study by Queignec and Wo j tkowiak206 found 
good agreement between the equilibrium constants of RC=CH 
acids with N, AF-diethylacetamide measured by both a glc and 
an ir method.
b) Variation of Dielectric Constant
Molecular association in an inert solvent causes an 
increase in the dielectric polarization relative to the 
molecular polarizations of the individual components207. 
Using this principle, Few and Smith208 devised a method to 
determine equilibrium constants and dipole moments of 
intermolecular complexes based on the variation of 
dielectric constant. Smith and co-workers applied this 
method to alcohol-pyridine209 and alcohol-triethylamine 
associations210 in benzene.
The validity of the method is probably best illustrated 
by the K value obtained by Bishop and Sutton1 n for the 
phenol-pyridine complexation in CCl*. Table 3.1 shows this 
result to be in excellent agreement with the many other 
determintions of this particular equlilibrium constant.
Recently, Codofier et al139 have used a modified method 
to investigate the association of dimethylphenols with 
pyridine. These workers pointed out that although the 
method is possibly not as fast or accurate as spectrometric 
methods, it can be applied to solutions in any nonpolar 
solvent. Moreover, it may also provide information about 
the electronic pertubations within the complex and so help 
to elucidate both its stoicheiometry and structure.
6.2 EFTHALPY DETERMIFATIOFS
The ovewhelming majority of hydrogen-bond enthalpies 
have been determined by the so-called van't Hoff method. 
Equilibrium constants must be measured at more than one 
temperature, allowing a value of AH and AS to be calculated 
using the equation;
In K = -AH/RT + AS/R (6.12)
This relationship assumes that AH is temperature 
independent, which is probably a reasonable approximation 
over the temperature ranges commonly dealt with. However, 
some of the more important objections to, and limitations 
of the van't Hoff method are discussed in section 3.2.
Independent determinations of AH have only been carried 
out since Arnett et al211 described a calorimeter for 
measuring small heat changes. Arnett and co-workers17 later 
used a calorimeter of this type to make what is probably 
the most comprehensive and authoritive study of hydrogen- 
bond enthalpies to date. Two methods are detailed, the high 
dilution method and the pure base method.
In the case of high dilution, a small quantity of base 
is injected into a dilute solution of the acid. In order to 
evaluate the heat of acid-base interaction, the heat 
liberated must be corrected for the heat of solution of the 
base into the neat solvent. The corrected heat, Q, is
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related to the enthalpy of hydrogen-bond formation, AH 
according to;
Q = AHcV <6.13)
where V is the solution volume in litres. In order to solve 
this equation for AH, the equilibrium concentration of the 
complex, c, is first calculated from the values of a0) b0 
and a spectrometrically determined equilibrium constant. A 
plot of Q versus cV is then linear with slope aH and zero 
intercept. Typically, the acid employed was either phenol 
or 4-f luorophenol and all reactions were carried out in 
CC1* at 25 *C.
The pure base method, on the other hand, avoids the 
need for accurate, independently meausred K values. In this 
rather novel method, complete association is essentially 
attained by injecting a small quantity of acid into a large 
excess of pure base as solvent. The heat liberated 
constitutes both the heat of hydrogen bonding and a second 
term that might occur in the absence of any hydrogen 
bonding. An estimate of this second term is determined by 
injecting an equivalent amount of a nonhydrogen bonding 
model compound, usually the corresponding anisole in the 
case of phenol donors. However, this correction heat is 
itself made up of two terms, a heat of solution term that 
might be expected in an inert solvent and other "special" 
interactions. To correct for differences between the acid 
and its model in the heat of solution term, CCl* may be
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used as a reference inert solvent. The value of AH is then 
calculated from the molar heats of solution for the acid, 
a H a, and the model compound, aHm, in both the pure base and 
reference inert solvent according to the equation;
AH — (AHa  — AH m ), — (AHa  — AH m ) (6.14)base inert solvent
This method offers the advantages of larger and more 
easily measured heats as well as a reduced need for careful 
temperature control. Although agreement with results 
obtained by the high dilution method are good, 
nevertheless, there is no doubt that this method is 
theoretically dubious. For example, it is now known that a 
hydrogen-bond enthalpy is particularly sensitive to the 
solvent in which it is measured (see section 3.2), yet the 
pure base method yields a condensed phase value which is 
supposedly autonomous. Hot surprisingly therefore, it has 
been shown212 that the result obtained varies with the 
choice of reference solvent.
6.3 DETERJtl FAT I OHS OF AH AFD K SI MULT AHBOUSL Y
It is possible to determine AH and K simultaneously by 
means of calorimetric titrations. These may be performed 
either by continuous addition, as described by Christensen 
et al213, or as is more usually the case for hydrogen- 
bonding studies, by an incremental addition procedure.
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Assuming 1:1 adduct formation, equation 6. 1 may be 
rewritten to eliminate the free acid and free base terms;
K = c/C <a0 - c) (bo - c>] <6. 15)
This is a quadratic equation in c and can be solved using;
2c = <a0 + b0 + 1/K) - [ <a« + b0 + 1/K) = - 4a0b0]1/2 <6.16)
Combination of equations 6.13 and 6.16 gives;
AH = __________________________   (6. 17)
(ao + bo + 1/K) - C(a0 + bo■+ 1/K)2 - 4a0b0]1/2
In a calorimetric titration, it is conventional to keep aQ 
and V constant and to measure the total heat due to 
hydrogen bonding, Q, as a function of bo. Then, by a trial- 
and-error process, equation 6. 17 may be used to find the 
best value of K for which the calculated aH remains 
constant. In 1963, Lamberts and Zeegers-Huyskens214 first 
used this method to examine aliphatic alcohol-amine adduct 
formation in cyclohexane.
To date, probably the most reliable simultaneous 
determination of K and AH was made by Mullens et al97, 
Calorimetric data for the phenol-pyridine complexation in 
CCl* was solved by a least-squares minimization of 
equation 6.17. In this and a companion publication215, it is 
shown that modern calorimeters offer great possibility to 
such determinations provided that careful attention is paid
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to the stability of the minimum. A procedure for mapping 
the area around the minimum shows how the accuracy of the 
results is greatly influenced by the experimental 
conditions.
Since then, Abraham et al103 have solved a rearranged 
form of equation 6. 17 by a Hewton-Raphson iterative least- 
squares technique. This has been applied to the 
complexation of 72 acids with iV^methylpyrrolidinone in 
1,1,1-trichloroethane.
A method introduced by Bolles and Drago216 and 
extensively applied by Drago and co-workers217-210, makes use 
of the following relation;
K - 1 =  Q  -  a o  -  b o  +  a o b o V A H  < 6 . 1 8 )
VaH Q
This expression has been adapted to enthalpy measurements 
from equation 6.10 which applies to uv absorbance data, 
i.e. by comparison AH = ec - £a - 6b and Q/V = A - A® - Ab . 
Equation 6.18 can therefore be solved for K and AH in a way 
directly analogous to that described for equation 6.10. 
Cabini and Gianni219 have detailed the limits of application 
of this procedure and have suggested conditions to help 
avoid false solutions.
Purcell et al173 attempted to formulate a linear 
equation suitable for obtaining AH and K simultaneously. If
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the assumption is made that b  ^ bo, then equation 6. 18 
reduces to an enthalpic adaptation of the Scott equation196;
aoboV/Q = bo/AH + 1/Ka H <6.19)
However, it was found that a plot of a0b0V/Q versus bo 
deviated from linearity as bo increased and so these 
workers ultimately resorted to the Bolles-Drago analysis.
Another approach, put forward by Neerinck et al220, 
makes use of an expression derived from a combination of 
equations 6.12 and 6.15;
A„ R , f i (ao - fss/AH) (bo - fa/AH)AH = ___________ .In ___________________________ <6.20)
1/T, - l/Ta fa(a0 - f t/AH) (bo - fi/AH)
where f = Q/V. If the experiment is arranged so that values 
of ao and bo are unchanged, this equation may be solved by 
trial-and-error for AH using measurements of f at two 
temperatures, Ti and T2. Having obtained the best value of 
AH, a modification of equation 6.15 leads to K.
The main problem with this approach is that the two
measurements do not cover a very wide range of complexation 
and so K values are likely to be unreliable. In the 
original publication220, this is exemplified by the adduct 
formation between tri-n-butlyamine and a series of phenols. 
The results using equation 6,19 are compared with those 
given by a Bolles-Drago analysis. Not unexpectedly, the AH 
values agree well but there are noticable discrepancies
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bet ween the K values, particularly for the stronger 
interactions.
Fenby and Helper96 proposed a method especially suited 
to flow calorimetry that avoids the need for either 
iterative or trial-and-error type calculations. Values of 
a0 and b0 are chosen so that their sum is always the same. 
This enables a constant, X, to be defined according to;
X = aQ + bo + K-1 <6.21)
Combining equations 6.18 and 6.21 and rearranging gives;
Va0b0/Q = -Q/VaH2 + X/AH <6.22)
A plot of Va^bo/Q versus Q/V is therefore linear with slope 
-1/aH2 and intercept X/AH. It was pointed out that a 
thorough test of this method should involve evaluation of K 
and AH from measurements at different values of <a« + b0).
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7 IMPROVED SPECTROSCOPIC DETERMIMATI0¥ OF
1:1 HYDROGEM-BOHD EQUILIBRIUM COMSTAMTS
The log Kw b scale establishes the relative ranking of 
bases covering a very wide range of functionality in terms 
of their hydrogen-bond acceptor ability. In other words, it 
provides a rather general view of hydrogen-bond basicity as 
a whole. However, because of the way the scale has been 
generated, it is not such a good indication of the change 
in hydrogen-bond basicity resulting from rather subtle 
structural variations. Such information can only be gained 
from careful systematic studies. Ideally, a study of this 
sort should allow a direct comparison of basicities 
measured against a single reference acid in a fixed inert 
solvent and using a reproducible method of analysis.
In this way, a number of workers have obtained 
hydrogen-bond equilibrium constants for homologous series 
of aliphatic alcohols127, aliphatic ethers144, aliphatic 
amines145 and aliphatic ketones221. It is common practice to 
then analyse these results in terms of substituent 
electronic and steric effects via a multi-parameter 
treatment. However, it is believed that no systematic study 
has yet been undertaken in which the thermodynamic 
parameters (AG, AH and AS) of hydrogen-bond complexation 
have all been evaluated. Such a study is needed in order to 
more fully explain the factors which govern the hydrogen- 
bonding basicity of these closely related componds.
7. 1 SELECT IOIT OF MEASURING SYSTEM
In this work, it is intended to use a combination of 
infrared and calorimetric measurements to determine the 
thermodynamic parameters (AG, AH and AS) of hydrogen-bond 
formation. Of particular interest is the relative hydrogen- 
bond basicities of a number of aliphatic ketones and 
aliphatic ethers. Sensitivity to small changes in free 
energy and/or enthalpy is therefore of prime importance and 
must be reflected in the methodology.
Firstly, it is necessary to devise a suitable measuring 
system, which means selecting an appropriate reference 
donor and inert solvent. Most hydrogen-bonding studies have 
been carried out in either CCl^ or cyclohexane. Both of 
these solvents are inert to hydrogen bonding, anhydrous and 
readily available. CCl* is the more suited to infrared 
studies because of its greater transparency around 
3500 cm-1 . On the other hand, cyclohexane is the less 
volatile and for this reason would make the better 
calorimetric solvent. However, the deciding factor in 
selecting cyclohexane is its lower polarity which minimizes 
the solvent participation effects.
The reference donor chosen is 3,5-dichlorophenol (DCP). 
It combines the advantages of being sufficiently soluble in 
cyclohexane with a relatively high hydrogen-bond acidity. 
This second factor is important because, log K° values 
around two (as expected for DCP with aliphatic ketones) are 
the most accurately measured215. In addition, more acidic
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phenols are deactivated with respect to self-association222. 
DCP is also relatively inexpensive and commercially 
available in a pure form.
7.2 APPLICATION OF FT—IR SPECTROSCOPY
The infrared studies of hydrogen bonding reported in
the literature have mainly been carried out using high
0
performance dispersive spectrophotometers. However, in 
recent years Fourier-transform infrared (FT-IR) instruments 
have become increasingly available. This trend has been due 
to both significant price reductions and a growing 
awareness of some fundamental advantages of FT over 
dispersive instruments. These advantages should give rise 
to increased accuracy in the determination of hydrogen-bond 
equilibrium constants:
i) Multiplex advantage (Fellgett advantage)
In FT-IR, all frequencies are measured simultaneously 
by an interferometer. This compares with successive 
measurement in the case of a dispersive instrument
ii) Throughput advantage (Jacquinot advantage)
For the same resolution, the energy throughput in a
interferometer can be higher than in a dispersive 
0spectrphotometer where it is restricted by the slits.
A
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In combination, these two advantages lead to the one of the
o
most imporant features of an FT-IR spectrphotometer; the
A
ability to achieve the same signal to noise ratio as a 
dispersive instrument in a much shorter time.
Most modern commercial FT-IR instruments also come 
complete with sophisticated data-handling facilities. These 
enable excellent reproduction of solution spectra where 
good solvent compensation is of fundamental importance.
7.3 EXPERIMENTAL
MATERIALS. DCP was the best available commercial grade 
(Aldrich). Cyclohexane was B.D.H. Analar grade. The various 
bases were either the best available commercial grades or 
from the ICI compond collection. The majority of these were 
distilled at atmospheric pressure immediately prior to use.
APPARATUS. All infrared measurements have been made on 
a Digilab FTS-20E Fourier-transform spectrophotometer. 
Spectra were recorded at a resolution of 4 cm-1 and 
collected over 600 scans, unless otherwise stated. A 1 mm 
cell with calcium fluoride windows and fitted with teflon 
plugs was used. After filling, the cell was placed in a 
water-jacketed cell holder (Specac Ltd) which was 
thermostated at 25 ±0.5°C by use of an LKB Multitemp water 
circulator. At least 10 minutes was allowed for the 
temperature to equi1ibriate. The instrument was continually 
purged through with dry nitrogen gas to remove traces of 
carbon dioxide and water vapour.
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DATA FITTING. All nonlinear data fitting has been 
performed using a commercial software package, SAS®, run on 
an IBM PC. The reported standard errors and confidence 
intervals are based on asymptotic statistics223.
7.4 BEER-LAMBERT LAV STUDIES
The general method of obtaining equilibrium constants 
by ir spectroscopy is discussed in section 6.1.1. 
Accordingly, it is first necessary to complete a Beer- 
Lambert law study of the free 0-H band of DCP. This, in 
principle, establishes the molar absorptivity, e, and the 
maximum concentration at which self-association of DCP is 
negligible (referred to as the self-association limit).
The DCP concentration, a0, was varied between 0.001 M 
and 0. 02 M. Each solution was prepared by direct weighing 
into a 10 ml graduated flask. All points are therefore 
obtained independently. Figure 7.1 shows the spectrum of 
0.001 M DCP in cyclohexane both before and after solvent 
compensation. This draws attention to the very high signal 
to noise ratio obtainable by FT-IR. The absorbance, A, of 
the 0-H fundamental at 3609 cm-1 is measured according to 
peak height above a manually constructed base line. 
Figure 7.2 is a plot of A versus a0 for the complete set of 
results given in table 7.1.
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Figure 7.1 Solvent Compensation of a Solution Spectrum
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Figure 7.2 Beer-Lambert Law Plot for the O-H fundamental
of 3,5—dichlorophenol in cyclohexane
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Table 7.1 Absorbance-Concentration Daba for the Free O-H
Fundamental of 3,5-Dlchlorophenol in Cyclohexane
Linear Regressi on Analysi
a
s
Ho. ao/mH A xlOO el/M-1 c xlOO
OL
or xlOO r
1 1. 04 3. 32
2 1. 72 5. 31
3 2. 79 8. 81
4 3. 78 11. 80
5 5.21 16. 28
6 5. 88 18. 26
7 7. 15 22. 19
8 8. 22 25. 24
9 9. 39 29. 15 30.81<0.14) 0. 13 <0.08) 0. 11 0.99993
10 10. 41 31. 79 30.60 <0.16) 0.20(0.10) 0. 16 0.99989
11 11. 63 35. 56 30.50 <0.14) 0.24 <0.10) 0. 16 0.99990
12 12. 85 39. 32 30.46 <0.12) 0.26 <0.09) 0.16 0.99992
13 15. 79 47. 57 30. 19 <0. 15) 0.40 <0.13) 0. 24 0.99986
14 17. 72 53. 36 30.04 <0.14) 0.48<0.13) 0. 26 0.99987
15 21. 04 63. 19 29.92 <0.12) 0.56 <0.13) 0. 28 0.99989
a o' is the standard error of the estimate.
Values in parentheses are asymptotic standard errors.
The results may be interpreted as a linear relationship 
between A and ao according to the equation;
A = el.a0 + c <7.1)
Included in table 7.1 are the values of the slope, el, and 
the intercept, c, for some straightforward linear
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regressions of A against ao. Analyses are provided after
the first nine points and for each successive point
thereafter. Although all the correlation coefficients are
excellent, the trend on both the slope and the intercept
indicate that the points define a definite curve as opposed 
to a straight line.
It can be concluded that the improved accuracy offered 
by FT-IR over dispersive instruments is sufficient to 
detect self-association of DCP at concentrations often 
regarded as below the self-association limit.
7.4.1 DETERHI SAT I OF OF Ks AJTD el SIJCULTAIEOUSLY
Since the absorbance data in table 7. 1 has been shown 
to disobey Beer's Law, a new nonlinear model taking into 
consideration the self-association constant, Ks, is 
required. Assuming only the dimer is formed, Ks is simply 
given by the expression;
Ks = z/aa (7.2)
where z is the molar concentration of the acid dimer. The 
value of z may be related to a® and a, accordingly;
z = (a® - a)/2 (7.3)
or in absorbance terms
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z = <A0 - A> /2e 1 <7 . 4>
where Ac is the absorbance due to aQ. In other words, z is 
related to the difference between the absorbance expected 
if self-association were negligible and that actually- 
observed. However, because the phenol dimer is believed to 
be linear (or open) rather than cyclic22*, it is assumed 
that the terminal 0-H of the dimer is equivalent to the 0-H 
of the monomer. This, in turn, means that the measured 
value of Ac - A for a linear dimer would be only half that 
of a cyclic dimer. On this basis, equation 7.4 is probably 
more correctly written for linear dimer formation as;
z = (Ao - A)/el <7.5)
The same argument means that;
a2 = (A/el - z)* (7.6)
However for dilute solutions, A/el >> z and so terms in z 
may be neglected such that;
a2 - (A/el)2 (7.7)
Combiation of equations 7.2, 7.5 and 7.7 and substituting 
for Ao/el generates a quadratic in A/el as follows;
Ks <A/e1)2 + <A/e1) - a0 = 0 (7.8)
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This may be solved to give;
A = el<C-l + <1 + 4Ks. a«) 1'*] /2Ks> <7.9)
(the other root of equation 7.8 being unacceptable).
Fitting all the data in table 7.1 to equation 7.9 
(modified to include an intercept, c) generates the unknown 
parameters, Ks and el, together with the value of c;
Standard 95% Confidence
Parameter Estimate Error Interval
Ks 2.27 M-1 0.45 M—1 1.28 -* 3.25 M-1
el 31.32 M-1 0.27 M~1 30.73 -> 31.91 M"1
c xlOO 0.07 0.11 -0.18 -* 0.32
Unlike the linearized model, the nonlinear fitting passes 
through the origin (within the standard error) as expected. 
The equilibrium constant for the association of DCP with 
3,5-dichloroanisole (a value of 1.2 M-1 was obtained in 
this work) compares favourably with the statistically 
corrected Ks value of 1.14 ±0.23 1 (which takes into
account the fact that a DCP dimer may be formed by two 
different modes of monomer interaction). The comparison 
infers that the basicity of the oxygen atom in DCP is 
approximately the same as that in the corresponding anisole 
derivative, so lending support to the experimentally 
determined Ks.
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7.5 FITTIJTG A SIMPLE 1:1 ASSOCIATIOH MODEL
Acid-base associations may be investigated by measuring 
the free O-H absorbance of a solution containing both DCP 
and a base at known intial concentrations, a0 and b0, 
respectively. Taking into consideration self-association of 
the acid, but assuming a 1:1 acid-base association (to the 
exclusion of all other complexes), the equilibrium constant 
is given by;
K = a° a 2Z <7.10)
a (b0 ~ a«=> + a + 2z)
Substitution of <a + z) = A/el and z  ^ KsCA/el)2 yields an 
expression for K without any unknowns;
K = a~ “ A/el " Ks<a/g1)2 (7 t1>
C A/e 1 - Ks<A/el)23 .Cbe - a0 + A/el + Ks<A/el)2]
It should be noted that the terms in Ks simply allow for 
the nonlinearity of the absorbance-concentration data, 
thereby transforming it into a calibration curve. Thus, the 
application of equation 7. 11 is totally independent of any 
asssumptions made in assigning a physical significance to 
this observed nonlinearity.
Using the values of el and Ks previously determined, it 
is possible to calculate K from a single acid-base 
experiment. However, a better method is to follow the 
disappearance of the free 0-H absorbance as a function of 
increasing bo in the form of a spectrometric titration. In
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this way, K is effectively measured over varying degrees of 
complexation. According to Deranleau225, the most accurate 
values of K are given when the most dilute component is 
complexed to a fraction between 0.2 and 0.8.
7.5.1 FAILURE OF THE 1:1 ASSOCIAXIOM MODEL
A typical spectrometric titration experiment is described 
for the association of DCP with cyclohexanone in 
cyclohexane.
1 ml of 0. 1009 M DCP in cyclohexane was pipetted into 
six 10 ml graduated flasks, lettered A -» F. To each flask 
was added a specified volume, v, of 0.0354 M cyclohexanone 
in cyclohexane according to table 7.2. The solutions were 
diluted to volume and the spectra recorded. After 
appropriate compensation for solvent and base absorptions, 
the free 0-H absorbance of each solution was measured. The 
value for solution A (which contains only the acid 
component) is checked for its consistency with the 
calibration curve. Values for the other solutions are used 
in equation 7.11 to obtain the equilibrium constant, K.
As a comparison, an alternative equilibrium constant, 
K' , has been calculated by assuming that a linear 
relationship exists between absorbance and concentration. 
The free acid concentration, a, is taken as that in accord 
with the linear regression analysis of all 15 data points 
given in table 7.1. Substitution of this value into 
equation 6.3 yields K' .
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The results are compiled in table 7.2 and the set of 
compensated spectra are illustrated as a 3-dimensional 
titration curve in figure 7.3.
Table 7.2 Spectroecpic Titration of 3,5—Diehlorophenol 
with Cyclohexanone in Cyclohexane
Solution v/ml a o/nX bo/mK A xlOO K/M-1 K' /M~1
A 0 10. 09 0 30. 98
B 1 10. 09 3. 54 23. 92 253 232
C 2 10. 09 7. 08 18. 83 218 211
D 4 10. 09 14. 16 12. 17 201 201
E 6 10.09 21. 24 8. 60 193 199
F 8 10. 09 28. 32 6.56 188 199
The titration experiment was arranged so that the 
fraction of DCP complexed varied between 0.23 and 0.79.
Within this optimum range, it is immediately clear that the 
value of K decreases as the fraction of acid complexed 
increases. Repetition of this experiment using different 
bases revealed exactly the same trend, becoming more
pronounced as the basicity increased. Two explainations are 
possible in accounting for this phenomenon:
i> The values of Ks and/or el for DCP are in error.
ii> The 1: 1 model of association is only a first
approximation and higher complexes interfere.
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Figure 7.3 A Typical Spectrometric Titration
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Calculations reveal that for the same Ks value, a 
decrease in the el value to around 30.3 M_1 is sufficient 
to eliminate the observed systematic trend on K. At first 
sight, this value does not seem very different from that 
used (cf. 31.32 M—1); however, two points need to be 
considered. Firstly, a value of 30.3 M—1 is still outside 
the 95% confidence interval reported in section 7.4.1 
(i.e. 30.73 -» 31.91 M—1 ) . Secondly, it is important to 
realize that in the nonlinear fitting of the absorbance- 
concentration data, the parameters el and Ks are closely 
correlated. This means that any decrease in el needed to 
avoid the trend on K is linked to a corresponding decrease 
in Ks which reintroduces it. Thus, the observed trend must 
be a function of the hydrogen-bonding system and not of the 
calculation procedure.
The values of K' show how the fitting of a Beei— Lambert 
relationship partly obscures the systematic trend on K. 
This may explain why most workers find spectrometric data 
to be consistent with a 1:1 association. However, some 
workers applying Beer's law have also found K to vary with 
the fraction of acid complexed30*226*227'228. Without good 
supportive evidence, this variation has always been 
attributed to the formation of 2:1 acid-base complexes. For 
the purpose of seeking a valid methodology, the occurrence 
of such complexes therefore needs further investigation.
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7.6 EVIDENCE OF HIGHER COMPLEX FORMATION
2:1 acid-base adducts are most likely to occur when the 
acid is in molar excess over the base and the 1:1 
interaction is itself relatively strong. Therefore it is 
first necessary to prove the existence of such complexes 
under these optimum conditions.
If an 0-H donor interacts with a C=0 acceptor, it is 
generally accepted that there two possible forms of a 2:1 
complex226; i) a type I structure whereby two acid molecules 
utilize both lone pairs in forming a hydrogen bond to the
same oxygen atom and ii> a type II structure whereby a
second acid molecule forms a hydrogen bond to the oxygen 
atom of another acid molecule already engaged in a hydrogen
bond to the carbonyl.
It is reasonable to assume that the bound C=0 band of 
either the type I or type II structure should differ from 
that of the simple 1:1 adduct. Accordingly, it was decided 
to monitor the change in a bound C=0 band as a function of
o- R
k
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- 182-
increasing acid concentration. In the experiments 
undertaken, the base concentrations were fixed at 0.005 M 
in all solutions. Spectra were recorded over 100 scans at a 
resolution of 1 cm-1 and each is compensated for solvent 
and acid absorption.
Figure 7.4 shows the effect of increasing phenol 
concentration on the C=0 band of j^methyl-2-pyrrolidinone 
(NMP) in cyclohexane. Six spectra were obtained and these 
are lettered A -> F corresponding to 0, 0.005, 0.04, 0.06,
0.10, and 0.15 M phenol, respectively. In the figure, all 
the spectra are superimposed. Spectrum A exhibits the free 
C=0 at 1713 cm-1 . Spectrum B shows the appearance of the 
first bound C=0 at 1685 cm-1 , corresponding to a Av of 
28 cm-1 . At this stage the acid and base are equimolar and 
so this pressumably corresponds to the C=0 of the 
1:1 adduct. In the remaining spectra, the first bound band 
broadens and progressively shifts to lower frequency, 
reaching 1672 cm-1 in spectrum F. At the same time a second 
bound C=0 band appears at about 1652 cm-1, representing a 
Av of some 61 cm-1 from the free C=0,
It could be argued that the shift of the first bound 
C=0 is the result of the change in solvent polarity with 
increasing acid concentration. However, this possibility 
was eliminated by finding that the band remained at 
1685 cm-1 in 0.15 M anisole. The shift must therefore 
indicate a strengthening in the hydrogen bond between 
phenol and NMP, such as would accompany the formation of a 
type II complex.
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Figure 7.4 Effect of Increasing Phenol Concentration
on the C—O band of JF-methyl — 2—pyrrol idi none
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Figure 7.5 Effect of Increasing DCP Concentration
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Figure 7.6 Effect of Increasing Phenol Concentration
<n" on the C—O band, of Cyclohexanone
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Figure 7.7 Effect of Increasing Phenol Concentration
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It would be reasonable to suppose that the C=Q shift of 
a type I complex relative to a 1:1 adduct would be about 
the same as that of the 1: 1 adduct relative to the free 
base. Therefore in all likelihood, the C=0 band around 
1652. cm-1 corresponds to the type I structure.
Figure 7.5 portrays a very similar effect for the 
equivalent interaction of DCP with NMP. Again six spectra 
lettered A -* F were obtained although these now correspond 
to 0, 0.003, 0.0125, 0.0375, 0.075, and 0.10 M DCP,
respectively. Four analogous C=0 bands to those assignments 
made in figure 7.4 can be identified; that for the free 
base, the 1:1 adduct at 1679 cm-1, the type II complex at 
1671 cm-1 and the type I complex at 1653 cm-1 . It is 
interesting to note that the type I and type II complex C=0 
bands are virtually identical to the equivalent FMP-phenol 
complexes.
Figure 7.6 shows the effect of increasing phenol 
concentration on the C=0 band of cyclohexanone in 
cyclohexane. The phenol concentrations are 0, 0.03, 0.06,
0.12 and 0.27 M in spectra A -» E, respectively. Again the 
first bound band at 1706 cm-1 gradually broadens and has 
shifted to 1701 cm-1 in spectrum E, indicating the 
formation of a type II complex. It is also possible to 
detect the formation of a type I complex around 1678 cm-1 , 
although its contribution is noticably smaller than in the 
case of UMP. This is probably because the amide nitrogen 
atom makes the second lone pair on an amide carbonyl more 
accessible than that on an aliphatic ketone carbonyl.
If the assignments of the type I and type II complexes 
are correct, then a sterically hindered ketone might be 
expected to show evidence of type II, but not of type I 
formation. This argument is consistent with figure 7.7 
showing the effect of increasing phenol concentration on 
the C=0 of 2,2, 4,4-tetramethyl-3-pentanone (di-t-butyl 
ketone). In spectra A -» E, the phenol concentrations are 
0, 0.03, 0.06, 0.15 and 0.27 M, respectively. The uniform 
position and shape of the free C=0 band at 1690 cm-1 
confirms that any medium effects are indeed negligible.
In 1962, Whetsel and Kagarise229 made a careful study of 
the first bound C=0 band of both propanone and 
cyclohexanone with increasing 4-methylphenol concentration 
in cyclohexane. They also detected a change in the shape 
and position of this band and used Job's method to show the 
change is consistent with 2: 1 complex formation. These 
workers considered both a type I and a type II structure 
for this complex, but favoured the latter.
Combelas et al230 have assigned both type I and type II 
complexes of various carbonyl compounds in different mixed 
solvents (one inert and the other proton donating) , but it 
is believed that the present study is the first to do so in 
relatively dilute solution.
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7.7 RBVERSf SPECTROMETRIC TITRATIOFS
Hitherto, it has been established that 1:1 adducts are 
in equilibrium with higher complexes. However, this in 
itself is not unequivocal evidence that the equilibrium 
constants are high enough to interfere with a typical 
spectrometric titration. Indeed, acid concentrations at 
which type II complexes are first seen to perturb the C=0 
band shape of the 1:1 complex are still in excess of those 
generally used in quantitative hydrogen-bond studies.
In a normal spectrometric titration, as described in 
section 7.5, the acid is titrated with base. This means 
that as the 1:1 adduct concentration increases, the acid 
concentration decreases and prevents appreciable formation 
of higher complexes. If, however, the titration is reversed 
such that the base is now titrated with the acid, higher 
complex formation becomes more favourable throughout the 
titration. Thus, any systematic trend on the equilibrium 
constant calculated under the false assumption that only 
the 1:1 adduct is significant, must become more pronounced.
The general argument against such a reverse titration 
procedure is the problem of acid self-association. However, 
provided this is taken into consideration and the free acid 
concentration is not allowed to rise appreciably above that 
commonly regarded as the limit of self-association 
(i.e. a < 0.015 M), the methodology is just as rigorous.
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Using a reverse spectrometric titration procedure, the 
association of DCP with cyclohexanone in cyclohexane has 
been examined.
1 ml of 0.0591 M cyclohexanone in cyclohexane was 
pipetted into six 10 ml graduated flasks, lettered A -* F. 
To each flask was added a specified volume, v, of 0.03084 M 
DCP in cyclohexane according to table 7.3. The solutions 
were diluted to volume and the spectra recorded. After 
compensation for solvent and base absorptions, the free 0-H 
absorbance of each solution was measured. These values are 
used to calculate the equilibrium constant, K, according to 
equation 7.11. The results are compiled in table 7.3 and 
the set of compensated spectra are illustrated in 
figure 7.8.
Table 7.3 Reverse Spectrometric Titration of Cyclohexanone 
with 3,5-Dichlorophenol in Cyclohexane
Solution v/ml a0/mK b^/mM A xlOO K/M~1
A 1 3.08 5.91 5.27 184
B 2 6.17 5.91 11.46 199
C 3 9.25 5.91 18.42 216
D 4 12.34 5.91 25.56 267
E 5 15.42 5.91 33.38 308
F 6 18.50 5.91 41.47 361
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Figure 7.8 A Typical Reverse Spectrometric Titration
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A distinct trend on K is again self-evident. This 
substantiates the inadequacy of the 1:1 association model 
even at concentrations around the generally accepted self­
association limit.
Perhaps the most convincing argument in favour of 
interference from higher complex formation can be gained 
from a careful inspection of figures 7.3 and 7.8. There is 
no doubt that the shape of the bound 0-H band is dependent 
upon the acid/base ratio. Comparison of the two extremes 
(spectrum F in both figures) highlights the appearance of a 
well-defined band around 3400 cm-1 when conditions for 2:1 
complex formation are favourable. Clotman et al227 have 
proposed that the formation of a type II complex gives a 
characteristic 0-H vibration band lying at some 100 cm-1 
lower than that of the dimeric phenol. Bearing in mind that 
the dimer band of DCP in cyclohexane occurs at 3488 cm-1 , 
it is reasonable to assign the band at 3400 cm-1 to the 
type II complex.
As will be more fully discussed in section 8, further 
support for higher complex formation was gained from the 
calorimetric studies.
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7.8 IMPROVED FITTIJTG OF SPECTROSCOPIC DATA
As a second approximation, it can be assumed that an 
acid, A, and a base, B, form both 1:1 and 2:1 complexes. 
Thus, the following equilibria are considerd to prevail in 
solution;
K,
A + B ^  AB <7. 12)
K2
A + AB ==*■ AasB <7. 13)
where Ki and K-z denote the equilibrium constants of the 
formation of the 1:1 and 2:1 adducts, respectively.
If, at equilibrium, only the free acid concentration, 
a, is measured, then the values of Ki and K= must be 
derived simultaneously. N6el et al231 introduced an 
iterative graphical method for this purpose by proceeding 
as follows:
Let X = 1/a = Ao/a0A <7.14)
and Y = be/(a0 - a) = b0A0/a0 (A0 - A) <7.15)
Introducing the equilibrium constants Ki and K2 gives;
2K X K2 <4Kz - K,)Y = 1 - 1^1 + '_ + ___________
K ,  K ,  K i X  +  2K i K 2
<7.16)
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The function Y=f(X) defines a definite curve. When X = 0, 
the fuction takes a value of 0.5. However, as X -» <», the 
final term in equation 7. 16 tends to zero and the function 
reaches an asymptote of slope 1/Ki. The linear part of the 
experimental curve therefore provides an initial estimate 
of Ki . Substitution of this estimate into equation 7.17, 
together with experimental values of X and Y taken from the 
more curved part of the curve, yields an estimate of Ks\
K, = X<X + K' + KaY> <7.17)
K,<2Y - 1)
The value of K=», together with experimental X and Y values 
from the more linear part of the curve, are then used in 
equation 7.16 to obtain a better value of Ki . The process 
may be repeated until the values of Ki and Ks which give 
the best curve through the experimental points are found.
Although this method is somewhat arduous, it has been 
successfully applied in several studies226-232*233. However, an 
alternative method has been applied by Zeegers-Huyskens and 
co-workers30*227. For each point in a titration, the apparent 
equilibrium constant, K«f*f>, is calculated assuming an 
exclusive 1:1 association model. It can be shown that this 
calculated value is related to Ki , Ks and the free acid 
concentration, a, as follows;
K*f>f> = Kl (1 + 2Kza) <7.18)
1 - K,K2a2
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Equation 7.18 may be rearranged to;
1 1 K2 <7.18)
2a + Krtppa2 Ki 2a + Kftppa2
according to which a plot of 1/ <2a + K^pp-a2) versus 
Kapp/ <2a + KftRf=»a2) gives a slope of 1/Ki and an intercept 
of -K2 . Although this second method is relatively quick, it 
suffers from two main problems; i) the points with the 
greatest experimental error attached are also those which 
most significantly affect the slope and intercept values 
and ii) the realistic errors on Ki and K-& cannot be 
properly evaluated. In this work, it was decided overcome 
these problems by making use of a nonlinear fitting 
procedure.
Firstly, an expression of the form Ki = f(K2) was 
derived as follows:
At equilibrium, Let CAB] = x, C A2B3 = y and [ A2] = z. Then, 
by mass balance;
a0 = a + x + 2y + z <7.19)
bo = b + x + y <7.20)
and by definition;
Ki = x/ab <7.21)
Kse = y/xa <7.22)
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Equations 7.19 -» 7.22 may be combined to give;
K. = _____________ <a~ ~ a ~ 2Z>_____________  <7.23)
at b°<1 + 2Kza> - <a„ - a - 2z)<l + K=a)J
If the identities (a + z> = A/el and z =* Ks<A/el)2 are 
substituted into equation 7.23, the function, f, contains 
only terms which are experimentally obtainable. The final 
stage is the nonlinear fitting of the data to the equation;
0 = f <K2) - Ki <7.24)
thereby generating the optimum values of the adjustable 
parameters, Ki and K2 .
Except for a study234 that considered ethanoic acid- 
amine complexes, it is believed that this is the first 
method of analysis which takes into account both acid self- 
association and higher complex formation in the measurement 
of 1:1 equilibrium constants.
Table 7.4 shows the results of applying the proposed 
analysis to reverse spectrometric titration data obtained 
for the DCP-cyclohexanone association in cyclohexane. 
Excellent agreement of both Ki and K22 values is observed 
between the four independent experiments <A -» D> that have 
been carried out.
-195-
Table 7.4 Values of Ki and K2 for the DCP-Cyclohexanone
Association in Cyclohexane
95% Conf.Int.  ^ 95% Conf.Int.
SL D St DExperiment Ki o' Lower Upper K2 v Lower Upper
A° 176.5 4.9 163.0 -> 190. 1 13.2 1.2 10.0 -» 16.4
B 172.1 2.7 164.7 -> 179.5 13.0 0.7 11.1 14.9
C 182.5 3.4 173.1 -* 192.0 14.3 0.8 12. 0 -> 16.6
D 184.6 4.4 172.4 196.8 10.4 0.9 7.8 -> 13. 0
Mean 178.9 12.7
a K values are expressed in inverse molar units,
b o' represents the asymptotic standard error of the fit.
c The raw absorbance data is compiled in table 7.3.
If, however, the proposed analysis is applied to the 
normal spectrometric titration data in table 7.2, the 
minimization criterion is not met and the method fails. 
This may be attributed to the inevitably high correlation 
between Ki and Ks <the coefficient for the above analysis 
is -0.8532). Thus, it can be concluded that statistically 
valid values of Ki and Ks are best determined by a reverse 
titration procedure.
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8 IMPROVED CALORIMETRIC DETERMI MAT ION
OF 1:1 HYDROGEN-BOND ENTHALPIES
8.1 INTRODUCTION TO CALORIMETRY
A calorimeter is an instrument capable of measuring the 
change in internal energy or enthalpy which occurs when a 
chemical system changes from an initial state to a final 
state. In principle, there are three basic types of 
calorimeter which can be used to study chemical processes 
in solution:
i) ADIABATIC - whereby it is assumed that the system 
under investigation is completely isolated from 
the surroundings. In practice, this is impossible 
to achieve and such calorimeters have only 
limited use.
ii) ISOPERIBOL - whereby heat exchanges between the 
system and the surroundings are minimized, but 
are nevertheless considered.
iii) ISOTHERMAL - whereby the temperature of the 
system itself remains constant. This is achieved 
by inputting or removing the precise amount of 
energy to exactly oppose the heat change of the 
process under study.
These basic types of calorimeter may be adapted to operate 
in either a batch addition or continuous flow mode.
8 . 1 . 1 CALORIMETRIC TITRIMETRY
In calorimetric titrimetry, a thermogram is generated 
by titrating one reactant into another and monitoring the 
overall heat change as a function of titrant added. It 
encompasses two experimental techniques, thermometric 
titrimetry and titration calorimetry. In the former, the 
thermogram is analysed with respect to quantity or 
concentration of titrate. Unlike most analytical methods, 
thermometric titrimetry relies on the AH (as opposed to the 
AG) of a reaction to identify the endpoint or equivalence 
point of a titration. For this reason, it permits the 
accurate quantitative determination of many substances 
whose concentrations are difficult to estimate by other 
methods. In titration calorimetry however, the reactant 
concentrations are known and the thermogram is used to 
calclulate the thermodynamic parameters (AG, aH and AS) of 
the reaction taking place.
A titration may be performed by either a constant-rate 
continuous addition or an incremental addition of titrant. 
A reaction which is kinetically hindered can only be 
studied if the addition is incremental. However, for 
systems with a rapid temperature response, a continous 
method offers the advantage of obtaining a complete record 
of the temperature changes which take place.
A number of review articles235'239 on the theory and 
application of calorimetric titrimetry draw attention to 
its extensive use and importance as an analytical tool.
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8.2 DESCRIPTION AND OPERATION OF THE CALORIMETER
In this study, all enthalpic measurements have been 
made using a modified Hart Scientific 5021 isoperibol 
titration calorimeter. It operates by making a precise 
comparison of the energies generated by a well-defined 
chemical process and an electrical calibration. The 
complete instrument consists of four primary modular 
components; a constant temperature bath, a calorimeter 
insert assembly, an electronic console and a computer 
programmer. These modules are all described in detail:
a> Constant Temperature Bath.
The constant temperature bath consists of a thermally 
insulated, water filled container O  40 litre capacity) 
constructed of ABS plastic, silicone rubber and stainless 
steel. The bath is fitted with a motor driven stirrer, an 
auxiliary cooling system (having a temperature of 5-10 K 
below the set point), and a proportional electronic 
thermostat, whereby a thermistor probe controls an 
electrical heater. The heater/cooler combination ensures 
excellent temperature stability and, under normal 
conditions, the bath temperature can be maintained at 
298.15 K ± 0.003 K over a perod of 24 hours.
b> Calorimeter Insert Assembly (figure 8.1)
The calorimeter insert assembly comprises the motorized 
burette, the titrant delivery line, the reaction vessel and
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the electrical junction box. It may be either locked in the 
raised position for charging the burette and reaction 
vessel, or lowered into the water bath thereby holding both 
the reaction vessel and titrant in the same constant 
temperature enviroment.
Figure 8.1 Calorimeter Insert Assembly
0  O 0
1 Insert Junction Box
2 Reaction Vessel Stir Kotor
3 Reaction Vessel
4 Reaction Vessel Claap
5 Titrant Delivery Tube
6 Burette
7 Cooling Loop inlet/outlet 
6 Burette Drive Kotor
9 '0* Ring
10 Thera16tor
11 Stirrer
12 Heater
13 Titrant Outlet
14 Cooling Loop
3
10
A\
11
The burette has a capacity of 2.5 ml, it is of glass 
construction with a teflon plunger and a Luer tip to which 
the teflon titrant line is attached. The plunger is driven 
by a reversible stepper motor. The burette delivery rate 
(BDR) may be varied from 0. 01 999 steps/second and the
burette delivery time <BDT> may be controlled either 
manually from the console or automatically from the 
computer programmer for a pre-set time duration.
The 50 ml capacity reaction vessel is of Dewai— type 
design, minimizing heat transfer between its contents and 
the surroundings. After charging, it is clamped to the 
assembly platform with an 'O' ring in between in order to 
ensure a watertight seal. When located, it
envelops a 400 rpm motor driven, propellei— type glass 
stirrer, a calibration heater, a thermistor, the titrant 
delivery line and a looped teflon tube for rapid cooling in 
situ. These are all fixed in positions giving the best 
calorimetric characteristics. The delivery line outlet is 
fitted with a pinched syringe needle to greatly reduce the 
outlet area. This modification is very important, 
particularly when nonaqueous media are employed, in 
preventing premature mixing of the reactants.
The electrical connections from the stirrer, thermistor 
and calibration heater are made in the insert assembly 
junction box. On the front of this box is a toggle switch 
for turning the stirrer ON or OFF. The cables exiting the 
rear of the junction box plug into the electronic console.
-201-
c> Electronic Console
The electronic console houses the electrical components 
necessary for temperature sensing, calibration heating and 
burette delivery.
At the heart of the temperature sensing operation is a 
Wheatstone bridge circuit. The thermistor within the 
reaction vessel forms one arm of the bridge and this may be 
balanced by a variable resistor using the COURSE, MEDIUM 
and FINE bridge controls located on the console. Balancing 
takes place when the thermistor is at the thermostated bath 
temperature. This is achieved by lowering the insert 
assembly (without the reaction vessel located) to an 
intermediate position whereby the thermistor is immersed 
into the bath. After balancing, the temperature difference 
between the thermistor and the bath is monitored as a
function of the bridge out-of-balance potential.
The bridge itself is driven by a standard mercury cell 
providing a stable e.m. f.. Thermistor sensitivity varies 
with the applied bridge voltage and, if necessary, this may 
be adjusted using the ADJ control from 1.5 -> 15 V. For
optimum results a value in the range 5 -t 7 V is advised.
Calibration of the reaction vessel and its contents is
carried out by passing a current through the calibration
heater for a time interval, CHT, and then measuring the 
corresponding temperature change. The energy dissipated in 
each calibration experiment, Qc, is determined by measuring 
the voltages across a standard 100.04 0 resistor, Vs, and
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the calibration heater, VH. These resistors are in series 
and hence Qc is given by;
Qc = (Vs.Vm /100.04) . CHT (8.1)
The heating rate may be varied using the HTR PWR select 
switch. 11 heating powers, ranging from 0.1-4 200 meal. s~1 , 
are available. As for the BDT, the calibration heating 
time, CHT, may be controlled by either a manually operated 
switch or automatically from the computer programmer.
The console feeds two output devices, a strip chart 
recorder which permanently displays the bridge out-of­
balance potential and a digital voltmeter (DVM). A 
DVM-SELECT switch determines the channel output to the DVM. 
It has four possible positions, HTR I, HTR V, BRV and 
RV TEMP displaying either Vs, VH, the applied bridge 
voltage or the out-of-balance potential, respectively.
d> Computer Programmer
A Tronac CCP 930 calorimeter computer programmer 
complete with a Texas Instruments Silent 700 data terminal 
is interfaced to the burette motor, the electronic console 
and the DVM!. This enables programmed control of both the 
BDT and the CHT together with programmed data processing of 
a thermogram.
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8.2.1 THEORY OF OPERATION
To within a negligible deviation from linearity, the 
bridge out-of-balance potential, E, is directly related to 
the difference in resistance of the thermistor, R, and the 
balancing resistor, Re, such that;
E = p <R - Re) (8.2)
where p is the proportionality constant in V. . If a 
heating or cooling process takes place in the reaction 
vessel, E changes from an intial value, E*, , to a final 
value, Ef . Since Rb is a constant, this change, aE, is 
directly related to the corresponding change in the 
thermistor resistance, AR;
AE = (Ef - Ej> = p(AR> (8.3)
Unfortunately, the resistance of a thermistor does not 
vary linearly with temperature, but is subject to an 
exponential relationship of the form;
R = A.eB/T (8.4)
where A and B are constants and T is the temperature in K. 
The first derivative of equation 8.4 is;
dR/dT = -RB/T2 (8.5)
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which means that for a finite temperature change in the 
vessel, AT, is related to the change in resistance, AR, 
according to;
AT = aRB(Tm2/Rm) (8.6)
where the m subscript indicates the mean value. The value 
of Tm should be very close to the bath temperature which 
makes Tm2 act effectively as a constant. Equation 8.6 
therefore reduces to;
AT = h <AR/Rm) (8.7)
where h is a proportionality constant equal to BTm2. It has 
been shown240 that this equation deviates from linearity by 
only 0.01% per ohm in AR and is sufficiently accurate for 
measurements up to 0.1% precision.
In a calibration experiment, the temperature change,
a T c , which results from the energy dissipated by the 
heater, Qc, is measured. This enables the heat capacity of 
the reaction vessel plus contents, 0, to be defined as;
0 = Qc/aTc (8.8)
Combination of equations 8.7 and 8.8 then gives the 
expression;
f = Qc/Ch(AR/Rm)c] (8.9)
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Since the value of 0 is not itself required and the precise 
value of h is difficult to determine, these constants may 
be combined to give the calibration constant (or 0h value) 
of the reaction vessel plus contents;
0b -  Qc/(AR/Rm)c (8.10)
In an actual reaction experiment, the unknown quantity 
of heat liberated, Q r , is related to the observed 
temperature change it produces, aTr, accordingly;
Qr = j^ aTr (8. 11)
Combination of this with equation 8.7 gives;
Qr = 0 h (AR/Rm>R (8.12)
which may be further combined with equation 8.10 to derive 
the general proportionality equation;
Q r  — Qc(AR/Rm)r / (AR/Rm)c (8.13)
However, if the calibration and reaction experiments are 
carried out over approximately the same temperature range 
such that RmR  ^ReC i then;
Qr — Qc(ARr /a Rc ) (8.14)
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Alt er natively, since it is the out-of-balance potential 
that is actually measured, then, according to equation 8.3, 
the aRr and aRc terms may be replaced by the respective a E r  
and a E c  values, as follows;
Q r  = Qc ( A E r /AEc ) (8.15)
This represents the most useful expression in the 
evaluation of a heat of reaction.
8.2.2 THERKOGRAX ANALYSIS
Prior to calculating the value of Q r  according to 
equation 8.15, a precise comparison of the aE values
resulting from the reaction and calibration processes is 
needed. However, in the case of an isoperibol calorimeter, 
the change in out-of-balance potential observed during a 
heating process, a E o b s , is the sum of two constituent 
terms;
A E o b s  = AE + A E c o r r  (8. 16)
where aE is the change produced by the process under study
and a E c o r r  is that caused by heat leakage and other
factors. An integral part of calorimetry is therefore the
accurate extraction of aE from a thermogram.
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Figure 8.2 Analysis of a Typical Thermogram for
a Calibration Experiment
a Heater
On tm
Initial
Period
-ve
AEE/jmV
+ve
Heater 
\ off
CHT
Final
Period
90 90+CHT I 200+CHT0
110+CHT 
time in seconds
Ideally, an experiment is performed such that at the 
midpoint of the heating process, the thermistor temperature 
is approximately equal to the bath temperature (i.e. 
E * 0 l^V) . A typical thermogram for a calibration
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experiment is portrayed by figure 8.2. The initial and 
final periods, ab and cd, respectively, represent the heat 
exchanges before and after the heating process itself, be. 
During these periods, the rate of temperature change obeys 
Hewton's law of cooling and can be written as;
dE/dt = u + p(0 - E) <8.17)
where u is the contribution from the heat generated in the 
vessel (i.e. heat of stirring and heat dissipated in the 
thermistor) and p is a thermal leakage constant. As the 
final period, cd, is prolonged to infinity, dE/dt -> 0 and E 
tends to a characteristic value, E«>, which is positive 
(i.e. the equilibrium vessel temperature is slightly higher 
than the bath temperature). This condition may be used to 
eliminate u from equation 8.17, giving the expression;
dE/dt = p(E~ - E) (8.18)
Strictly therefore, the initial and final periods display 
an exponential relationship. However, since thermal leakage 
is minimized, (E«> - E) is nearly constant and these periods 
are adequately described by a linear relationship.
Linear extrapolation of the initial and final periods 
to the time, tm (which corresponds to the mean temperature 
during the main period, be), determines the values of E; 
and Ef, respectively. The difference between these values 
then gives the required quantity AE, according to
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equation 8.3. Since the main period of a calibration 
experiment is linear, tm may be taken as the time at which 
half the temperature rise has taken place.
In this work, the calorimeter computer samples the out- 
of-balance potential every second via the DVM. Experiment 
control and thermogram analysis have therefore been carried 
out by a purpose written computer program which operates 
according to the following general scheme:
1 From t=0 to t=90, least squares analysis gives the
intial period slope, S;, and intercept, I;
2 At t=90, the calibration heater is switched on for a 
pre-instructed time period, CHT, in s.
3 At t=(90 + CHT), the heater is switched off.
4 From t=<110 + CHT) to t=<200 + CHT), least squares 
analysis gives the final period slope, Sf , and 
intercept, If.
5 The observed total response time, DT <= D} + Df ) in
seconds, of the calorimeter to the heating process is 
entered.
6 Ej is calculated as I| + [ 90 + <CHT + D)/23Sj.
7 Ef is calculated as If - C20 - <CHT - D)/23Sf.
8 AEcis calculated as Ef - Ej.
A simple modification enables the program both to control 
the burette operation using a pre-instructed BHT and to 
output the resulting AEr which corresponds to the chemical 
process taking place in the vessel.
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8.3 CALIBRATION OF THE CALORIMETER
8.3.1 CALIBRATION OF THE BURETTE
The volume of titrant delivered by a one step movement 
of the burette stepper motor must be determined in order to 
calculate the moles of reactant added to the reaction 
vessel. In an incremental titration experiment, it is 
possible to vary the moles added per increment by changing 
either the BDR, BDT or both. However, the very narrow 
delivery tube outlet necessary to prevent premature mixing 
of the reagents is found to cause an excessive back 
pressure if the BDR is faster than about 100 steps/second. 
All experiments are therefore carried out at a BDR of not 
more than 50 steps/second and, for this reason, the burette 
is most conveniently calibrated by measuring the weight of 
water delivered as a function of the BDT at a constant BDR.
Three calibration experiments were performed. In each 
of these, the burette was filled with freshly boiled 
distilled water and the insert assembly lowered into the 
bath to maintain the burette temperature at 298.15 K. After 
allowing for thermal equilibrium, water was collected for a 
time period increasing by 10 seconds for each successive 
delivery until the burette was empty.
The individual weights of water collected, together 
with the linear least squares analysis of each experiment, 
are displayed in table 8.1. The correlation coefficients of 
all the regressions may be taken as unity and, within the
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standard errors, the reported slopes and intercepts are the 
same. Taken together, these observations indicate that the 
burette makes very reproducible titrant deliveries.
For the purpose of obtaining the most representative 
calibration, the linear regression of all 21 data points is 
of greatest relevance. The overall analysis gives a slope 
of 6.590 ± 0.007 mg.s-1 and a negligible intercept of 
0.170 ± 0.306 mg. Taking the density of water at 25°C as 
0.9970 kg.1“1, this slope corresponds to a delivery rate of 
6.61 jjlI . s -1 and a step volume of 0.1322 julI .
Table 8.1 Burette Calibration
Time/s
Weight of Water/g
Calibration 1 Calibration 2 Calibration 3
10 0.06586 0.06591 0.06659
20 0.13249 0.13216 0.13217
30 0.19826 0.19858 0,19795
40 0.26329 0.26312 0.26384
50 0.32885 0.32887 0.32839
60 0.39573 0.39518 0.39528
70 0.46219 . 0.46238 0.46242
Linear Regression Analysis
slope /mg. s-1 6.593 ± 0.012 6.592 ± 0.014 6.586 ± 0.014
intercept /mg 0.087 ± 0.518 0.066 ± 0.609 0.356 ± 0.644
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8.3.2 REPRODUCIBILITY OF THE CALIBRATION CONSTANT
All instrumental and calculation parameters are 
included in the calibration constant and, as such, its 
reproducability represents the single most important test 
of a calorimeter. Water is an ideal calorimetric medium and 
so has been the solvent most often employed in such a 
reproducibility experiment. However, the precision of a set 
of comparitive calibration constants should be a direct 
indication of the limiting precision of a measured 
enthalpy. Consequently, it is perhaps more relevant to use 
the solvent relevant to the experiments that are to follow.
According to equation 8.10, the calibration constant 
(or ffh value) is calculated as Qc/(AR/Rm)c. However, since 
AE = pAR, an alternative ftj value may be defined as;
0j = Qc/AEc (8.19)
where j = h(p/Rm). Provided calibration experiments are 
performed over approximately the same mean temperature, the 
reproducibility of is consistent with that of £h.
Tables 8.2 and 8.3 compare 0j values obtained with 
either 50.0 ml of water or cyclohexane in the reaction 
vesel. For each solvent three sets of values have been 
measured. Those in set 1 are determined using both a fixed 
heating time and power, in set 2, the power is fixed but 
the time is varied and in set 3, the power is varied whilst 
the time is fixed.
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Table 8.2 Reproducibility of the Calibration Constant 
with 50.0 ml of Water in the Vessel
Power /meal.s—1 Time^/s AE /pV *j°/cal.V-1
Set 1
21. 46 20 248. 8 1725
• 247. 6 1733
•* 246. 9 1738
» 248. 1 1730
248. 2 1729
• 249. 6 1720
• 248. 4 1728
247. 2 1736
Set 2
.. 5 60. 9 1762
• 10 122. 9 1746
15 186. 5 1726
•« 20 248. 2 1729
25 312. 4 1717
30 373. 8 1722
35 434. 6 1728
• 40 497. 1 1727
Set 3
5. 40 30 94. 2 1720
9. 31 • 161. 6 1728
21. 46 • 372 . 4 1729
52.59 • 914.0 1726
a Power/meal.s—1 = (VnVs/100.04). (1000/4.184) 
b Programmed heating time (BHT) 
c ^j/cal.V-1 = (VMVstc/100.04AE). <1/4.184)
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Table 8.3 Reproducibility of the Calibration Constant 
with 50.0 ml of Cyclohexane in the Vessel
Power /meal.s~1 Time^/s AE /pV *jC/cal.V"1
Set 1
9. 31 20 295. 4 630
■ 295. 0 631
• 293. 4 635
• 295. 7 630
• 293. 0 635
• 297. 3 626
• 294. 4 632
• 296. 2 629
Set 2
5 72. 6 641
10 147. 3 632
15 221. 9 629
20 295. 0 631
25 368. 1 632
30 442. 9 631
35 517.1 630
40 592. 3 629
Set 3
5. 40 20 169. 7 636
9. 31 294. 0 633
21.46 682. 3 629
a Power/mca1.s—1 = (Vh V s /100.04). <1000/4.184) 
b Programmed heating time <BHT> 
d £j/cal.V—1 = CVnVstc/100.04AE>. <1/4.184)
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The results in both tables show excellent precision, 
both within and across the different sets. The overall 
coefficient of variations (C.O.V.'s) are only 0.6% using 
water and 0.5% using cyclohexane as the caloriznetric 
solvent. Equally important is the fact that no apparent 
trend is caused by variations in either the heating time or 
power, justifying any approximations made in section 8.2.1. 
One feature common to both solvents, however, is that the 
most deviant value corresponds to the shortest heating time 
of only 5 seconds. For this reason, all ensuing experiments 
are arranged to avoid calibration heating or titrant 
delivery times less than about 10 seconds.
8.3.3 THERHOMETRIC TITRATION OF THAN VITH HC1
A method of testing both the accuracy of the burette 
calibration as well as the validity of the continuous and 
incremental titration procedures is by carrying out an 
actual thermometric titration. A suitable reaction for this 
purpose is the protonation of tris(hydroxymethyl)- 
aminomethane, HzNC(CHzOH)3, often designated ' THAM' or 
'TRIS', with a strong acid;
THAM(aq) + H30-<aq) HTHAM-<aq) + H20<aq) <8.20)
The reported log K <8.07) and -AH <11.35 kcal.mol-1) values 
are both large enough to ensure that the interaction is
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stoichiometric and that the endpoint is sharp and easily 
detected239.
Approximately 0. 1 g of THAM <m. w. = 121.14) was 
accurately weighed into the reaction vessel and 50.0 ml of 
distilled water added. This solution was thermometrical1y 
titrated with a freshly prepared 0.5000 M HC1<aq) convol 
solution by either a continuous or incremental addition 
technique.
For the continuous method, a BDR of 25 steps/second and 
a chart speed of 60 mm.min-1 was used. The progress of the 
chart recorder could then be interpreted in terms of the 
number of burette steps required for complete reaction.
In the case of the incremental procedure, the first 
five increments were all added at a BDR of 50 steps/second 
for a 50 second duration. Then, as the endpoint was 
approached, the number of steps per increment was reduced 
until an addition produced no corresponding temperature 
change. The vessel contents were cooled to the starting 
temperature between each of the first five additions such 
that the intermittent burette operation resembled a genuine 
incremental titration experiment.
In table 8.4, the previously determined step volume 
(0.1322 julI ) is used to quantify the amount of THAM present 
according to the thermometric titration. This calcualated 
mass may then be compared with that actually weighed into 
the vessel. It is clear from the results that both 
titration procedures are equally valid and that the burette 
calibration is accurate to within 0.5%.
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Table 8.4 Thermometric Titration of THAX with 0.5000 X HC1
Titration
Technique
Mass of THAX 
weighed /g
Titre Volume Mass of THAX 
calculated /g
%
DeviationSteps mis
Continuous 0.09972 12495 1.652 0.10006 0.34
Incremental 0.10286 12880 1.703 0.10315 0.28
8.3.4 HEAT OF PROTOXATIOX OF THAX
Standard reactions are of use in calorimetry as a means 
of checking the electrical calibration and in being 
directly comparable to an actual reaction experiment. The 
dissolution of THAM in 0.1 M HC1 (aq) has been shown to be 
an excellent test reaction for batch calorimetry2*1. The 
desirable characteristics of this process, discussed by 
Gunn242, include a rapid and highly exothermic reaction 
combined with a low differential heat of solution for THAM 
itself. The U.S. National Bureau of Standards has issued 
THAM as Standard Reference Material No. 724 and its use has 
been recommended by the U.S. Calorimetry Conference243.
However, since titration calorimeters are incapable of 
handling solid reactants, Wilson and Smith244 proposed the 
titration of TRIS(aq) with HC1(aq) (represented by 
equation 8.20) as a standard thermochemical process.
In this work, a 0.2512 M aqueous THAM solution in the 
burette was incrementally added to 50.0 ml of 0.05 M 
HC1 (aq) in the vessel. Each addition was coupled with an
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appropriate calibration, after which the vessel contents 
were cooled back to the starting temperature. The cooling 
avoids any accumulating temperature difference between the 
titrant and the vessel contents and also provides a good 
operative model for an incremental calorimetry titration 
experiment.
The increments were added at a BDR of 50 steps/second 
over a 30 second interval giving an incremental volume of 
0.1983 ml. The heat per increment, QR, was determined at 
-0.5678 ± 0.0029 cal over 16 additions in two independent 
experiments. Within the reported error, the correction term 
for the heat of dilution of the THAM<aq) solution into 
50.0 ml of water was found to be negligible.
The heat of protonation of THAM, aHf», is given by the 
equation;
aHp = Q/n <8.21)
where Q is the amount of heat per increment resulting only 
from the protonation of THAM and n is the number of moles 
of THAM protonated per increment. Strictly speaking, before 
substituting values into this equation a correction should 
be made to the observed data for the hydrolysis of THAM in 
aqueous solution239;
K m
THAM + H=0 ^  HTHAM- + 0H“ <8.22)
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The hydrolysis constant <log Km = -5.929) is used to 
calculate the concentration of HTHAM"- and OH- present in 
the titrant according to;
[HTHAM-] = [0H—] = <Km CTHAM])1 (8.23)
where [ THAM3 = 0.2512 M.
The heat contributed by the formation of water, Qm z o , due 
to the OH- present in the titrant is given by the equation;
Qh2 o — —C 0H—]vAHi <8.24)
where v is the incremental volme <0.1983 ml) and AHi is the 
standard heat of ionization of water <13.34 kcal. mol-1) . 
Finally, a H f * can now be calculated according to;
A H p  = <Qr — Qh20 ) / v <0 . 2512 - CHTHAM3-) <8.25)
which gives a value of -11.39 ± 0.06 kcal.mol-1 over the 16 
additions. This compares favourably with the value reported 
by ojeund and Wadso246 <-11.35 ± 0.01 kcal. mol-1) at the 
same ionic strength of 0.05 M.
8.3.5 HEAT OF IONIZATION OF WATER
Hansen and Lewis246 maintain that the reaction between 
HC10^.<aq) and NaOH<aq) to produce water;
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HClCU<aq) + NaOH NaClCUCaq) + H^O <8.26)
0*9
is a more satisfactory standard reaction in titration 
calorimetry than the protonation of THAM.
The standard enthalpy of this reaction is -AHi where 
AHi is the heat of ionization of water. In this work, AHi 
has been determined by an analogous procedure to that 
described for the heat of protonation of THAM:
A 0.2438 M HC10*<aq) solution standardised aqainst 
THAM by a potentiometric titration) in the burette was 
incrementally added to 50.0 ml of NaOH<aq) in the vessel. 
The increments were added at a BDR of 50 steps/second over 
a 30 second interval giving an incremental volume of 
0.1983 ml. The heat per increment, QR, was determined at 
-0.6476 ± 0.0047 cal over 16 additions in two independent 
experiments. Within the reported error, the correction term 
for the heat of dilution of the HClCU<aq) solution into 
50. 0 ml of water was found to be negligible.
In this reaction no chemical correction heats are 
necessary and AHi may be obtained directly from;
AHi = -Qr /0.2438v <8.27)
which gives a value of 13.40 ± 0.10 kcal. mol-1 over the 16 
additions. This is in reasonable agreement with the values 
determined by Vanderzee and Swanson247 <13.336 kcal.mol-1), 
Hale et ai24a <13.335 kcal.mol-1) and Hansen and Lewis246 
<13.331 kcal.mol-1).
-221-
8.4 APPLICATION OF TITRATION CALORIMETRY
TO HYDROGEN-BONDING STUDIES
Hydrogen-bond formation in solution occurs very rapidly 
and may therefore be studied by a continuous titration 
method. However, with this technique there are a number of 
experimental difficulties which make interpretation of the 
thermogram more complicated. For example, corrections are 
needed to take into account both the constant change in the 
heat capacity of the reaction vessel contents and the 
increasing temperature difference between the titrate and 
titrant. These troublesome effects may be avoided if an 
incremental titration method is employed.
Previous applications of incremental titration 
calorimetry to the simultaneous determination of aH and AG 
with respect to 1:1 hydrogen-bond formation are discussed 
in section 6.3. The validity of the method may be suitably 
tested by the intercomparison of corresponding equilibrium 
constants determined by both this and an alternative 
technique, such as spectroscopy. Independent results 
obtained in this way are complementary and, as such, may 
either enhance or diminsh any confidence placed on them. 
Thus, by concentrating this investigation on the 
interaction of DCP with various aliphatic ketones and 
ethers in cyclohexane, the calorimetric studies are 
designed to parallel the spectrometric work.
In order to optimize accuracy, an incremental titration 
experiment must be well-designed. This is often a matter of
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compromise. For example, the vessel needs to be charged 
with a very dilute solution of the acid so as to minimize 
self-association, whereas a more concentrated solution 
would give larger and hence more easily measured heats. 
Similarly, the more moles of base added, the better the 
definition of the titration curve but the greater the total 
correction required for the heat of dilution. Based on 
these arguments, the limiting DCP concentration used was 
0.01 M and all titration experiments were arranged such 
that the total fraction of acid complexed increased by 
approximately 0.1 for each successive addition of base, up 
to a total of about 0.8.
8.4.1 EXPERIMENTAL
MATERIALS. All materials were as used in the 
spectrometric work and are outlined in section 7.3.
SOLUTIONS. All solutions were freshly prepared in 
cyclohexane at 25 °C and maintained at that temperature 
prior to use. The solutes were accurately weighed so that 
the exact concentrations at 25 °C were known and could be 
used in the data analyses.
DATA ANALYSIS. Nonlinear data fittings were carried as 
outlined in section 7.3.
PROCEDURE. The reaction vessel and burette were firstly 
cleaned and dried ready for use. The vessel was charged 
with 50.0 ml of a DCP solution <[DCP] =* 0.01 M) and the 
burette was filled with a solution of the base at the
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concentration necessary to bring about 80% complexation of 
the acid for a total addition of around 2 ml (this could be 
calculated from an estimated value for the 1:1 equilibrium 
constant). The insert assembly was then lowered into the 
constant temperature bath and the vessel contents brought 
to the bath temperature (i.e. E  ^ 0 jmV) . After allowing the 
system to equilibriate for about 20 minutes, the vessel 
temperature was further adjusted and stabilized at about 
-400 /jlV. The initial calibration constant, <0j);, was then 
found as the mean of a duplicate determination using the 
10 mcal.s-1 heater power setting and a heating time of 20 
seconds. Prior to starting the titration, the temperature 
was restabilized at about -400 julV. The aE value for each of 
eight successive increments were then determined. The BDR 
was fixed at 50 steps/second (6.61 /il. s-1) and the BDT used 
for each addition was calculated in order to approximately 
complex a further 10% of the DCP. Between increments, the 
temperature was adjusted and restabilized (if necessary) to 
ensure that it always remained between -500 pV and +500 jaV 
during titrant addition. After completion of the titration, 
the final calibration constant, (^j)f, was determined in 
the same way as the initial value.
A heat of dilution run, whereby the DCP solution in the 
vessel is replaced by neat cyclohexane, was coupled with 
every titration run. This establishes the nonhydrogen 
bonding heat associated with each addition.
8.4.2 DATA ANALYSIS
The calibration contant, 0 j, changes throughout a 
titration as a linear function of the total amount of
titrant added. Thus, at any point, p, during the titration 
(0j)p may be calculated according to the expression;
<j*j)p = <0 j ) ; + BDTp/BDTfC <£j>f - <0j>i3 <8.28)
where BDTp is the total BDT at point p and BDTf is the
total BDT for the completed titration. The heat of
addition, qj, associated with the ith increment in either a 
titration or dilution run is then given by;
qi = AEi.(0j>p <8.29)
where p is taken as the midpoint of the increment. It
follows that the heat per increment due solely to hydrogen 
bonding, qjMBl, may be obtained from;
qiHB = qi<titration) - qi(dilution) (8.30)
where qi(titration) and qi(dilution) are the incremental 
heats from a titration run and the associated dilution run, 
respectively. Experiments were usually carried out such 
that each value of q(dilution) was found as the mean of two 
duplicate dilution runs (A and B) and likewise, 
q(titration) was the mean of two titration runs (C and D).
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The shape of the titration curve for 1:1 hydrogen-bond 
formation is described by a rearrangement of equation 6.17 
accordingly;
Q = aHV/2 {<a0 + bo + 1/K) - C (a0 + b0 + l/K)2 - 4a0bo],y2> (8.31)
The values of Q (the total heat due to hydrogen bonding) , V 
(the total volume of the vessel contents in litres), a0 and 
bo after n increments are evaluated using equations 8.32 -* 
8. 35;
i=n
Q = E qlMB (8.32)
i = 1
i=n
V = 0.05 + E vi (8.33)
i = 1
aQ = 0.05CDCPD/V (8.34)
i=n
bo = E vi.C base]/V (8.35)
i = 1
where vi is the volume of the ith increment calculated as
the product of the BDR and the incremental BDT, C DCP] is
the initial DCP concentration in the vessel and [base] is
the titrant base concentration.
Finally, the AH and K values for the hydrogen-bonding 
process being investigated are generated by fitting the 
calculated titration data (Q, V, a0) bo) to equation 8.31.
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8.4.3 RESULTS OF A TYPICAL CALORIKETRIC TITRATIOff
Table 8.5 Results for the Calorimetric Titration
of DCP with Cyclohexanone in Cyclohexane
Increnent BDTb/s vC/il
Dilution Run Titration Run
A B C D
AE /pV q /cal AE /pV q^/cal &E /pV q /cal AE /pV d/ i q /cal
1 15 0,09915 51,9 0,0328 50,3 0,0317 -561,6 -0,3561 -555,4 -0,3524
2 17 0,11237 56,7 0,0359 57,9 0,0366 -558,4 -0,3549 -555,6 -0,3532
3 19 0,12559 62,8 0,0399 63,9 0,0405 -530,5 -0,3379 -528,1 -0,3364
4 23 0,15203 77,6 0,0494 75,9 0,0482 -509,3 -0,3253 -516,2 -0,3296
5 27 0,17847 89,7 0,0573 87,0 0,0554 -462,9 -0,2967 -469,0 -0,3004
6 36 0,23796 116,2 0,0745 114,4 0,0732 -426,9 -0,2747 -430,1 -0,2764
7 53 0,35033 167,6 0,1081 164,7 0,1059 -351,9 -0,2278 -361,7 -0,2337
8 97 0,64117 293,8 0,1913 289,5 0,1879 -240,4 -0,1571 -249,2 -0,1624
a [DCP] = 0.01023 M and [base] = 0.8010 M.
b BDT of each increment is the value estimated to bring
about a further 10% complexation of the DCP assuming a 
1:1 equilibrium constant of 180 M_1. 
c Incremental volume, v, is given by BDT x 6.61 jjlI . s - 1 .
d Incremental heat, q, is calculated according to
equation 8.29. Values of iff j ) i and iff j > f in cal. V-1 for
each run are as follows:
Run A iffj>i = 631.4, <*j>f = 655.2.
Run B iffj>| = 630.1, <*j>f = 652.9.
Run C i f f = 633.5, <*j)f = 657.7.
Run D <*j>i = 634.0, <*j>f = 655.1.
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Table 8.6 Analysis of the Calorimetric Titration Curve 
as Characterized by the Results in Table 8.5
Point a0/mH b0/mK V/ml -Qa/cal —AHb Kb
1 10. 21 1. 59 50. 10 0.3865
2 10. 19 3. 37 50. 21 0.7768
3 10. 16 5. 36 50. 34 1.1542
4 10. 13 7. 76 50. 49 1.5304
5 10. 10 10. 55 50. 67 1.8853
6 10. 05 14. 25 50. 91 2.2347 6.29 ±0.41 312.6 ±78.7
7 9. 98 19. 63 51. 26 2.5725 6.60 ±0.17 262.7 ±25.6
8 9. 86 29. 28 51. 90 2,9218 6.86 ±0.10 229.4 ±13.2
a Q is calculated using the mean qiHB values as given by;
2qiMB = qi(Run C) + qi(Run D) -■ qi(Run A) - qi(Run B)
b Results of a nonlinear fitting to equation 8.31. AH Is
expressed in kcal.mol-1 and K is expressed in M-1 . The 
asymptotic standard errors are reported.
The results in table 8.5 for the association of DCP 
with cyclohexanone in cyclohexane are indicative of all the 
calorimetric titration experiments carried out in this 
work. For example, the ratio qi/vi always tended to 
steadily decrease throughout a dilution run (typically the 
value for the final increment is only about 90% of the 
initial value). This must indicate a slight base-base 
interaction and so draws attention to the advantage of the 
method adopted here over one which assumes a uniform heat 
of solution. In support of these findings, Goralski and 
Tkacyck249 have recently reported a similar decrease in the
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heat of solution of tertrahydrofuran in cyclohexane over 
the same concentration range.
From the results in table 8.5, the values of a0, be, V 
and Q have been calculated for each point of the titration. 
Table 8.6 summarises these quantitities and compares 
results for the nonlinear fitting of the data at various 
stages of the titration (from the addition of the sixth 
increment onwards) .
8.4.4 EFFECT OF HIGHER COMPLEX FORMATIOH
Table 8.6 reveals a distinct trend on both K and AH, 
with K decreasing and AH increasing as the titration 
progresses. Although it can be argued that the observed 
trend is within the standard error of fit, further
experiments using other bases reproduced this effect. The 
spectrometric work has shown that a trend on K can result 
from the fitting of experimental data to an improper 
1:1 association model. Since equation 8.31 has been derived 
assuming such a model, there is a need to evaluate the 
consequence of fitting calorimetric data known to contain a 
contribution from 2:1 complex formation to it.
An investigation into the effect of higher complex 
formation has therefore been carried out by using the mean 
Ki and Kz values for the DCP-cyclohexanone association (see 
table 7.4) to construct theoretical calorimetric titration 
curves. The b0 value of each point is assigned such that 
the curve reflects a genuine experiment, although for
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simplicity, a«=> and V are fixed at 0.01 M and 50 ml, 
respectively. The equilibrium concentrations of the 1:1 and 
2:1 species at each point may be calculated from the values 
of a0, bo, Ki and Kz. The curve is then generated by using 
these adduct concentrations to calculate the theoretical Q 
values. However, this step requires a knowledge of the 
formation enthalpies for both the 1:1 (aH-i ) and 2:1 (aH2)
complexes. In this work, aHt has been independently 
determined for the association of DCP with cyclohexanone in 
cyclohexane as 7.21 ± 0.09 kcal.mol-1 (see section 8.5.3), 
but AHz is unknown and must therefore be estimated.
Table 8.7 shows two theoretical titration curves (A and 
B) differing only in the value of aHz (A = -2 kcal.mol-1 
and B = -6 kcal.mol-1). Both curves have been analysed 
according to equation 8.31 and it is clear that the trend 
on the apparent 1:1 equilibrium constant and formation 
enthalpy parallel that of the genuine experimental data. 
Moreover, poor agreement is found between the actual 1:1 
parameters and those generated by assuming an exclusive 1:1 
model. For example, even when the titration covers about 
80% of the complete reaction and -aHz is only 2 kcal.mol-1, 
the apparent K (215.7 M-1) and AH (-6.90 kcal.mol-1) still 
do not compare very favourably with the assigned 1:1 values 
(Ki = 178.9 M—1 and aHi = -7.21 kcal.mol-1). It can be 
concluded therefore, that the accuracy of a calorimteric 
titration is particularly susceptible to interference from 
higher complex formation and that even when experimental 
conditions are favourable, the results can be misleading.
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A further comparison of the analyses in tables 8.6 and 
8.7 reveals that the actual experimental titration curve 
lies between the two theoretically derived curves. This 
suggests that the true value of AHa is probably in the 
region of 4 ± 2 kcal.mol-1.
Table 8.7 Analysis of Theoretically Constructed 
DCP-Cyclohexanone Titration Curves
Curve A (AHz s -2 kcal.nor1) Curve B (AHz = -6 kcal.nol-’)
Point bo CAB3b EAzB]b -Qc/cal -AHd Kd -QC/cal -AHd Kd
1 1.62 0,930 0,104 0,383 0,404
2 3,39 1,865 0,184 0,757 0,794
3 5,38 2,807 0,239 1,122 1,170
4 7.70 3,754 0,271 1,478 1,532
5 10,56 4,710 0,282 1,828 1,884
6 14,33 5,675 0,272 2,171 6,32 ±0,29 292,5 150,6 2,225 6,15 10,46 369,6 1115,8
7 19,96 6,666 0,241 2,514 6,68 10,14 241,5 118,5 2,562 6,57 10,20 287,4 1 35,1
8 30,22 7,700 0,188 2,862 6,90 10,08 215,7 110,3 2,900 6,84 10,12 246,4 1 17,7
a bo <in mM) aimed to model a genuine experiment,
b Equilibrium concentrations (in mM) of AB and A2B as
calculated from the mean values of Ki (178.9 M—1 > and
Kz (12.7 M-1 ) reported in table 7.4. 
c Q = AH,V(CAB] + C AasB] ) + AH2VCA2B]
assuming a AH2  as shown and a aHi of 7.21 kcal.mol-1 
(as reported in section 8.5.3). 
d Results of a nonlinear fitting to equation 8.31 (which
is derived assuming an exclusive 1:1 model). AH is
expressed in kcal.mol-1 and K is expressed in M—1. The
asymptotic standard errors are reported.
8.5 APPLICATION OF THE EXCESS BASE METHOD
It has been established that calorimetric titrimetry is 
not well-suited to the accurate simultaneous determination 
of Ki and aHt for the hydrogen-bond complexations of 
interest. To overcome this problem, an alternative 
calorimeteric method for the autonomous determination of 
AHi has been developed. This is referred to as the excess 
base method because a relatively dilute solution of DCP 
contained in the burette is added to a more concentrated 
solution 0.2 M) of the base contained in the vessel. In 
effect, higher complex formation is thereby avoided and the 
heat liberated results only from the formation of the 1:1 
complex.
The overwhelming majority of the acid will be in the 
complexed form, but a spectrometrically determined Ki value 
is used to correct for the small fraction of free acid in 
equilibrium. In this way, the aHi value is essentially 
obtained independently of the Ki value but, at the same 
time, still refers to the interaction in cyclohexane rather 
than in the neat base. The excess base method therefore 
combines the advantages, but overcomes the disadvantages, 
of Arnett's pure base and high dilution methods, which are 
outlined in section 6.2.
8.5. 1 EXPERIMENTAL
PROCEDURE. The materials and preparation of the solutions 
are as described in section 8.4.1. The vessel was charged 
with 50.0 ml of a base solution ([base! 0.2 M) and the 
burette was filled with a DCP solution ([DCP]  ^ 0.04 M) . 
The insert assembly was then lowered into the constant 
temperature bath and the vessel contents brought to the 
bath temperature (i.e. E  ^ 0 jjlV > . After allowing the system 
to equilibriate for about 20 minutes, the vessel 
temperature was further adjusted and stabilized at about 
-400 jjlV. The initial calibration constant, (0j) | , was then 
found as the mean of a duplicate determination using the 
2 mcal.s-1 heater power setting and a heating time of 100 
seconds. Prior to making an addition from the burette, the 
temperature was restabilized at about -400 jjlV. Using a 
fixed BDR (6.61 jjlI . s—1 ) and BDT (100 seconds), the AE value 
for each of three successive additions were then 
determined. Between these, the temperature was adjusted and 
restabilized (if necessary) to ensure that it always 
remained between -500 p.V and +500 /jlV during DCP addition. 
After the third addition, the final calibration constant, 
was determined in the same way as the initial value.
In a separate experiment, the heat of dilution of the 
DCP (whereby the base solution in the vessel was replaced 
by neat cyclohexane) was found to be negligible with 
respect to the typical error on a heat of hydrogen bonding 
determination.
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8.5.2 DATA ANALYSIS
For each addition, the heat due to 1:1 hydrogen-bond 
formation, Q, is given by;
Q = AE. <0j>p <8.36)
where (£j)p is the calibration constant (interpolated 
according to equation 8.28) corresponding to the midpoint 
of the addition. aHt may then be calculated as;
aHt = Q/n(DCP)f (8.37)
where n(DCP) is the total number of moles of DCP added 
during the addition and f is the fraction that are actually
complexed. For each of the triplicate additions in a single
experimental run, n(DCP) is constant and given by;
n(DCP) = (6.61 x 10-*).CDCP] (8.38)
where CDCP] is the DCP concentration in the burette. On the 
other hand, f varies very slightly between additions, this 
variation becoming more pronounced as Ki decreases.
At any point during the run, the total fraction of DCP 
complexed, fT, may be calculated according to the equation;
fT = <(a0 + bo + 1/Ki) - C (a0 + bo + 1/K,)2 - 4a0b03 ,''2>/2a0 (8.39)
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where aCT is the total DCP concentration in the vessel, b<, 
is the base concentration in the vessel and Ki is an 
independent determination of the 1:1 equilibrium constant. 
Then, if the total fraction of DCP complexed after i 
additions is fTi, it follows that the fraction complexed 
during the ith addition, fi, is given by;
fi = i.fTi - <i - 1).fTi—i (8.40)
AHi is finally calculated for each addition by substituting 
the appropriate value of f into equation 8.37.
8.5.3 REPRODUCIBILITY OF AH, VALUES
The reproducibility of the AHi values obtained by the 
excess base method has been tested with respect to the DCP- 
cyclohexanone association in cyclohexane. Table 8.8 
presents the experimental data for 12 separate additions in 
four independent experimental runs <A -» D) . Assuming a Ki 
value of 178.9 M-1 (as reported in table 7.4), this data 
corresponds to a aHi of 7.21 ± 0.09 kcal.mol-1. However, it 
must be stressed that this result is particularly 
insensitive to the value of Ki and is essentialy constant 
(to within 0.03 kcal.mol-1) over the range 160 -» 200 M—1 .
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Table 8.8 Reproducibility of AHi Values
Addition ao/mK bo/M fT f -AE/jiV -Q/cal -AH?
Run A
[ DCP] = 0. 04013 M, n <DCP> = 2.653 xlO—s, [base] = 0'.213 M
<03) \ = 630.4 cal . V-1 <03) f = 653 .0 cal.V-1
1 0.524 0.210 0.9740 0.9740 293.9 0.1864 7.21
2 1.034 0.208 0.9737 0.9734 287.7 0.1846 7.15
3 1.531 0.205 0.9733 0.9725 287.7 0.1868 7.24
Run B
C DCP 3 = 0.03987 M, n (DCP) = 2.635 xlO~s, [base] = 0.207 It
<03) \ = 632.3 cal . V-1 <03) f = 655.,4 cal.V-1
1 0.520 0.204 0.9733 0.9733 287.5 0.1829 7. 13
2 1.027 0.202 0.9729 0.9725 281.0 0.1809 7. 06
3 1.521 0.199 0.9725 0.9717 278.3 0.1813 7. 08
Run C
C DCP] = 0.04025 M, n(DCP) = 2.661 xlO-s, [base] = 0. 218 M
<03)i = 629.6 cal . V-1 <03)i = 648. 9 cal.V-1
1 0.525 0.215 0.9746 0.9746 302. 1 0.1912 7.37
2 1.037 0.212 0.9743 0.9740 295.7 0.1890 7.29
3 1.536 0.210 0.9739 0.9731 290.9 0.1878 7.25
Run D
[DCP] = 0.04044 M, n(DCP) = 2.673 xlO _s, [base] = 0. 195 M
<03)i = 628.3 cal . V-1 <03) f = 656. 8 cal. V-1
1 0.528 0.192 0.9717 0.9717 295.2 0.1869 7.20
2 1.042 0.190 0.9713 0.9709 291.5 0.1873 7.22
3 1.543 0.188 0.9708 0.9698 290. 1 0.1892 7.30
a aHi is expressed in kcal.mol-1.
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9 HYDROGEH-BOHD FORMATIOH OF ALIPHATIC KETOFES
AHD ALIPHATIC ETHERS
The reverse spectrometric titration procedure
(described in section 7.7) and the excess base calorimetric 
method (described in section 8.5) have been used to 
investigate the hydrogen-bond formation between homologous 
series of aliphatic ketones and aliphatic ethers with DCP 
at 25 °C. The value determined for Ki may be used to 
calculate AGi according to the equation;
This value may then be used in combination with the 
determined aHi to calculate a value for ASi as follows;
Taking into consideration the typical error reported for Ki 
and bearing in mind that the experimental error on AHi has 
been determined at approximately 0.1 kcal.mol-1, it is 
estimated that ASi should be precise to within about 
0.4 cal. mol-1.K-1.
For the series of aliphatic ketones, the parameters, 
Ki , Kz, AGi , AHi and ASi, are compiled in table 9.1. This 
shows that AGi and aHi remain essentially constant for the 
majority of straight chain and branched chain ketones. An 
overall analysis of the results, omitting di— t-butyl
AGi = -RT.In Ki (9.1)
ASi = (AHi - AGi)/T (9.2)
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ketone, cyclopentanone and cyclohexanone, reveals that the 
remainder of the ketones have AGi and aHi values which are 
all within experimental error (AGi = -2.79 ±0.04 kcal.mol-1 
and AHi = -6.90 ±0.07 kcal.mol-1). The di-t-butyl ketone 
has the lowest AHi value <-6.76 kcal.mol-1) which indicates 
a slightly longer bonding distance and probably reflects a 
minor steric repulsion. Conversely, the cyclic ketones 
display the strongest interaction, although it is not clear 
if this results mainly from an electronic effect or an 
increased C=0 accessibility.
It is worth noting that, within the estimated error, 
ASi is constant (with a value of 13.8 ±0.3 cal. mol-1.K-1) 
over all the 17 ketones measured. This suggests that any 
loss of C-C rotational entropy within the ketone on 1:1 
hydrogen-bond formation is independent of the substituents. 
A possible explanation for this observation is that the 
more bulky the substituents, the greater the O-H ■ • • 0=C 
distance thereby resulting in a fairly constant degree of 
steric hinderance within the DCP-ketone complex.
It can be concluded therefore, that the hydrogen- 
bonding ability of aliphatic ketones are not particularly 
sensitive to the steric requirements of the substituents 
although, in extreme cases, steric hindrance will manifest 
itself in AH and AG rather than AS.
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Table 9. 1 Thermodynamic parameters for Hydrogen-Bond 
Formation between Aliphatic Ketones and DCP
Si — CO— R2
Si S2 K,a Ka3 -AG,b -AH,° -ASid
CH3 CH3 119.3 ±3.0 14.3 ±1.2 2.83 7.02 14.0
O
CO C2H5 111.7 ±5.1 12.2 ±2.2 2.79 7. 01 14.1
CH3 ^ C3H7 118.7 ±3.0 11.6 ±1.2 2.83 6.86 13.5
CH3 111.8 ±0.8 12.0 ±0.3 2.79 6.98 14.0
CH3 =-C4H9 117.6 ±5.0 16.4 ±2.1 2.82 6.94 13.8
CH3 109.8 ±1.4 14.4 ±0.7 2.78 6.82 13.5
CH3 108.5 ±2.9 10.8 ±1.2 2.78 6.95 14.0
CH3 - C7H15 117.1 ±4.0 15.3 ±1.7 2.82 6.82 13.4
C2H5 C2H5 100.4 ±2.6 13.9 ±1.3 2.73 6.97 14.2
C2H5 “-CA 110.3 ±1.4 9.8 ±0.5 2.79 6.86 13.7
^ C3H7 - C3H7 106.2 ±1.5 11.0 ±0.6 2.76 6.86 13.7
99.7 ±2.6 12.9 ±1.3 2.73 6.91 14. 0
- C4H9 °-C4H9 112.4 ±1.4 14.7 ±0.6 2.80 6.82 13.5
*-C 4 H 9 *-C4H9 64.5 ±1.0 10.4 ±0.8 2.47 6.76 14.4
”“C6H13 - C6H13 124.2 ±3.4 15.2 ±1.7 2.86 6.83 13.3
cyclopentanone 163.5 ±2.3 12.6 ±0.6 3.02 7.08 13.6
cyclohexanone6 178.9 12.7 3.07 7.21 13.9
a K values are expressed in inverse molar units. The
asymptotic standard errors of the fit are reported, 
b -aGi values are expressed in kcal.mol-1.
c —AHi values are expressed in kcal.mol-1 and are the
mean of the three additions from a single excess base
experiment.
d —ASi values are expressed in cal.mol-1.K-1.
e The parameters for cyclohexanone are those based on the
mean values reported in tables 7,4 and 8.8.
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Table 9.2 Thermodynamic parameters for Hydrogen-Bond 
Formation between Aliphatic Ethers and DCP
Hi — 0— R2
s, Ra K,a K2a -AG,b -AH,° —ASi d
CH3 90.8 ±0.6 12.4 ±0.4 2.67 7.65 16.7
C2H5 C2H5 62.1 ±1.2 8.7 ±0.9 2.45 7. 06 15.5
- C3H7 - C3H7 40.6 ±0.9 6.6 ±1.1 2. 19 6.77 15.3
^3*7 88.6 ±3.1 10.9 ±1.5 2.66 7.54 16.4
-c4b9 - C4H9 40.4 ±1.1 10.3 ±1.5 2. 19 6.79 15.4
i-C4H9 i-C4H9 18.9 ±1.8 7.1 ±4.9 1.74 6.65 16.5
^ C8H17 - C8H17 48.6 ±1.0 9.2 ±1.0 2.30 6.94 15.6
D-C10H21 50.3 ±1.4 10.7 ±1.4 2.32 7.01 15.7
trimethylene oxide 206.9 ±2.7 17.0 ±0.5 3. 16 7.55 14.7
tetrahydrofuran 148.4 ±4.9 12.7 ±1.5 2.96 7.28 14.5
tetrahydropyran 109.8 ±2.6 11.9 ±1.2 2.78 7.17 14.7
0
1.4-dioxane 54.4 ±1.4 11.3 ±1.4 2.3 7 5.97 12.1
a K values are expressed in inverse molar units. The
asymptotic standard error of the fits are reported, 
b —aGi values are expressed in kcal.mol-1 and are the
mean of the three additions from a single excess base 
experiment.
c —AHi values are expressed in kcal.mol-1.
d -AS* values are expressed in cal. mol-1 . K-1 .
e Values are not subject to any statistical corrections.
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Figure 9. 1 Plot of -aGt versus -aHt for the Interaction 
of DCP with Aliphatic Ethers in Cyclohexane
Acyclic ethers 
+ straight chain ethers 
V branched chain ethers 
X 1,4-dioxane (corrected)3-
-AHi / Icccst 1 . mo 1 -1
e
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Table 9.2 presents the hydrogen-bonding parameters (Ki , 
K2, AGi , aHi and ASi ) for the series of aliphatic ethers. 
These compounds display a much greater variation in the 1:1 
parameters than the ketones and in figure 9.1, -aGi is 
plotted as a function of -aHi . This plot may be resolved 
into three essentially parallel lines, the lower line 
corresponding to the branched chain ethers, the middle line 
to the straight chain ethers and the upper line to the 
cyclic ethers. Therefore, as already shown in table 9.2, 
the loss of entropy increases in the order, cyclic < 
straight < branched, reflecting what is presumably an 
increasing steric hindrance within the DCP-ether complex.
For a particular structural category, ASi is constant 
within the estimated error. However, the AGi and AHi values 
are by no means so consistent. For example, -AHi (and hence 
-AGi) is significantly lower for dipropyl ether compared to 
diethyl ether, which can only be due to a steric effect. On 
the other hand, dibutyl ether is indistinguishable from 
dipropyl ether, so perhaps the limiting hindrance offered 
by straight chain substituents has been reached. As the 
chain length increases still further (up to the didecyl 
ether), -aHi and -aGi progressively increase, exhibiting 
what must be an electronic effect.
In the case of the branched ethers, the methyl t-butyl 
and the di-i-propyl derivatives appear very similar, with 
both having -AHi and -aGi values considerably higher than 
the straight chain ethers. This must reflect the higher 
electron donating ability of the branched substituents.
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Conversely, the di-i-butyl ether is noticably diverse in 
having the lowest -aGt value of all the componds measured. 
It certainly seems, therefore, that an i-butyl substituent 
offers considerably more steric repulsion than an n-alkyl 
group. This effect may be visualized from the 'ball and 
stick' structures of di-i-butyl and diethyl ethers, showing 
that the oxygen lone pairs are less accessible in the case 
of the former.
With the exception of 1,4-dioxane, the cyclic ethers 
exhibit the highest -AGi values reported in tables 9. 1 and 
9.2. In the case of tetrahydropyran, this is mainly due to 
a low steric requirement. However, as the ring size is 
reduced, ring strain increases and it is the partial 
release of this strain which makes hydrogen-bond formation 
more favourable. This is probably the main reason why -aH i 
(and hence -aGi) increase in the order, tetrahydropyran < 
tetrahydrofuran < trimethylene oxide.
1,4-dioxane needs to be considered separately from the 
other cyclic ethers because it contains two equivalent
di-i-butyl ether diethyl ether
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oxygen atoms. It has the lowest -AHi value suggesting that 
the available electron density on each oxygen is 
effectively reduced by the presence of the opposite oxygen. 
However, if AGi and ASi are also to be suitably compared 
with the other ethers, the values in table 9.2 must first 
be corrected to a per oxygen basis. The corrected -ASi of 
13.5 cal. mol-1.K-1 is found to be significantly lower than 
that of the other cyclic ethers, which is probably best 
explained by the comparitive weakness of the interaction.
In summary, it is apparent that aliphatic ethers are 
much more sensitive to the steric and electronic properties 
of the substituents than the corresponding ketones. Bearing 
in mind that the substituents are directly bonded to the 
acceptor atom in the case of ethers, this observation is in 
line with what would be reasonably expected.
9.1 DISCUSSIOff OF K2 VALUES
Although several workers226*230 have proposed the
formation of A2B complexes, some reports have drawn 
attention to the fact that there are extremely large 
discrepancies between the reported K i /K2 ratios. For
example, Gramstad and Van Binst232 obtained K i  and Ksz values 
of 6000 M—1 and 23 M_1 , respectively, for the association 
of pentachlorophenol with triphenylphosphine oxide in CCl* 
at 25 °C; hence K i / K s z  = 261. This compares with a ratio of
approximately unity given by the K i  <18.5 M —1 )  and
K-z <16 M_1 ) values determined by Vhetsel and Kagarise229 for
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the 4-methylphenol-cyclohexanone association in cyclohexane 
at 30 *C.
It has been further suggested23’-232 that the K i / K z  ratio 
is indicative of whether the 2:1 complex has the type I or 
type II structure, being about 4 in the case of a
type I complex and very much greater than this for the 
type II. In contradiction to this, however, it has been 
shown in section 7.6 that typically, the type II complex 
forms in excess of the type I. It is therefore apparent 
that considerable confusion surrounds both the validity and 
interpretation of measured Kz values. For this reason, it 
was decided to analyse the K z  values obtained in this work 
on a more theoretical basis rather than by cross comparison 
with results arbitrarily chosen from the literature.
If it is assumed that in a solution containing an acid 
(A) and a base <B) , the acid dimer (A2) , the 1:1 adduct 
<AB) and the 2:1 adduct <AzB) are the only complex species 
present, then four different equilibria are in operation;
Ks
A + A ^  A2 <9. la>
Ki
A + B 5* A B  <9. lb)
K2
A B  + A =5^  A z B  <9. lc)
K3
A 2  + B ^  A z B  <9. Id)
These represent a set of 'boxed' equilibria according to 
which it can be easily shown that;
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K= = Ks(Ks/Ki) (9.2)
This equation establishes that Kz is closely related to 
Ks, and hence is particularly sensitive to the medium. For 
example, if the present study had been carried out in CC1*. 
instead of cyclohexane, both Ks and Ki would be decreased 
and the effect of Kz on the determination of Ki would have 
been diminished.
From a qualitative point of view, it is well-
established250 that the terminal 0-H group of an acid dimer 
is able to form stronger hydrogen bonds than the original 
momomer. However, it is only relatively recently that 
Frange et ai251 attempted a quantitative argument. They 
suggested that on average, alcohol dimers are about an
order of magnitude more acidic than the corresponding 
monomers toward pyridine IT-oxide <OPy) in cyclohexane. In 
this work, the Ks value for DCP in cyclohexane has been
determined at 2.27 M— 1 and, for example, Kz for the DCP-
cyclohexanone interaction in cyclohexane has been measured 
at 12.7 M_1. Thus, for this example, the results correspond 
to a Ks/Ki <= K z / K i > ratio of 6 , which is of the same order 
as that put forward for the alcohol-Opy interaction251.
Bellamy and Pace260 have shown that the fundamental 
frequency of the terminal 0-H for the phenol dimer in CCl.* 
occurs at around 3599 cm- 1 compared to 3611 cm- 1 for the 
free phenol. In the current study, the 0-H fundamental of 
DCP in CC1* has been measured at 3601 cm- 1 , and hence it is 
not unreasonable to suppose that K3  for phenol can be
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approximated by the corresponding Ki for DCP. Applying this 
supposition to the Ki values obtained for phenol <31.8 M—1> 
and DCP (178.9 M_1) with cyclohexanone in cyclohexane gives 
an estimated K3/Ki ratio of 6 for the phenol-cyclohexanone 
association in cyclohexane. Thus, if it is assumed that a 
K3/Ki ratio for a phenol interaction will be similar in 
magnitude to that of a DCP interaction, then this provides 
further support to the validity of the measured Kz values, 
Zeegers-Huyskens and co-workers227*252 have obtained Ki 
and K z  values for the association of a series of phenols 
with triethylamine and tetramethylurea in CC1*. Huskens253 
latter used these values, together with the K s  values of 
the respective phenols, to show that as the phenol acidity 
(and hence Ki ) increases, the ratio K z / K s  increases. 
Although not actually discussed, these workers also found 
that for a given phenol, the Ki value is larger for 
tetramethylurea than triethylamine, yet the reverse is true 
for Kz. This result is somewhat unexpected because it 
suggests that, for a set of bases measured against a single 
phenol, K z  decreases as Ki increases. It is therefore worth 
searching for a possible relationship between K z  and Ki 
derived exclusively from theoretical considerations: 
Starting from equation 9.2, it follows that;
log K z  = log Ks + log K s  - log Ki (9.3)
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Assuming that a linear free-energy relationship exists 
between the acid monomer and the terminal 0-H of the acid 
dimer, then the condition;
log Ks = L.log Ki + D (9.4)
where L and D are constants, holds for all bases. This may 
be combined with equations 9.3 to give;
log Kz = <L - 1)log K, + (log Ks + D) (9.5)
according to which log K z  is linearly related to log Ki for 
a given acid. More precisely, since log K s  will always be 
greater than the corresponding log Ki, the slope is always 
positive and the intercept is always greater than log Ks.
A straightforward linear regression of log K z  versus 
log Ki for all the results in tables 9.1 and 9.2 gives a 
slope of 0.340 ±0.052 and an intercept of 0.405 ±0.102. 
Thus, although the Ki and K z  values obtained in this work 
do not cover a very wide range (hence the correlation 
coefficient is only 0.784), they appear consistent with 
equation 9.5. Furthermore, since the slope and intercept 
equate to (L ~ 1) and (D + log Ks), respectively, this plot 
corresponds to an L and D within the anticipated range.
The proposal of DCP as a suitable model for the acidity 
of the phenol dimer provides a potential method of 
independently determining the L and D values for phenol. If
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this is the case, then these values could be substituted 
into equation 9 . 5  and used as a novel way of predicting Kz.
It should be pointed out that equation 9.5, and hence 
the arguments following, assume that family-independent 
behaviour is exhibited between the free acid and its dimer. 
Although this seems reasonable since both are 0-H donors, 
it has not been experimentally established.
A final point worth considering is the effect of 
ignoring K z  with respect to log K M B  scale. Clearly, any 
effect will be reduced relative to a scale based on 
cyclohexane simply by the fact that primary values 
originate from formation constants measured only in CCl*. 
However, if the linear relationship between Kt and K z  holds 
true, then even this reduced effect would have a much 
greater influence on the values of La and Da than on 
log K M o itself. Thus, it is reasonable to suppose that the 
log Kmb scale has not been unduly influenced by the 
inadequacies in assuming an exclusive 1:1 association 
model.
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Figure 9.2 Structure of the Completed O-H Bands 
for DCP—Aliphatic Ketone Adducte
SET 1 Ri-CO-Ra CH t Si and Ra SET 2 CH -CO-Ri CH„ * R,
rC.H
13
5
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9.2 APPRAISAL OF THE BADGER-BAUER RELATIOFSHIP
The controversy surrounding the validity of the Badger- 
Bauer relation is discussed in section 5.5.1. Much of this 
controversy results from the inability to accurately 
measure enthalpies of hydrogen-bond formation. However, it 
is believed that the aHi values reported in this work have 
been obtained by what is probably the most rigorous method 
so far developed and, as such, are ideally suited to a 
critical examination of the Badgei— Bauer relationship.
Figures 7.3 and 7.7 show how 2:1 complex formation can 
interfere with both the fine structure and, under certain 
conditions, the observed maximum frequency < v h #=i x > of the 
complexed 0-H band for the 1:1 adduct. In order to minimize 
this interference, all spectra relating to the current 
section have been measured using an excess of the base 
component.
In the case of the DCP-aliphatic ketone interactions, 
it was observed that the sharpest and most symmetrical 
complex 0-H band is displayed by the di-t-butyl ketone 
adduct, which has a vhax at 3415 cm-1. Rather unexpectedly 
however, it was difficult to distinguish more than three 
different types of complex band (in terms of both the fine 
structure and the vh**x ) for the remaining 16 ketones listed 
in table 9.1. Furthermore, it was recognized that the 
ketones giving the same type of band were closely related 
in terms of their chemical structures. The three sets of 
ketones subdivided in this way are:
-251-
Figure 9.3 Comparison of the Different Types of
Completed O-H Band for DCP-Ketone Adducts
propanone
2-nonanone
di-n-hexyl ketone
di-t-butyl ketone
I I I I--------1------- 1
37©0. 3600. 3500. 3400. 3300. 3300.
H P iV E N U M B E R S
-252-
Set 1 Ketones with. the general structure, Ri-CO-Rz 
where both Ri and R2 * CHs.
Set 2 Ketones with the general structure, CHa-CO-R^ 
where R2 * CHs.
Set 3 The cyclic ketones together with propanone.
For each of the three sets listed above, figure 9.2 
displays the similarity between the complexed 0-H bands 
given by adducts of ketones from the same set. However, in 
order to more easily compare the four different types 
bonded 0-H band, figure 9.3 assembles those corresponding 
to adducts of a representative from each of the structural 
sets together with di-t-butyl ketone. According to this 
figure, it appears (as a first approximation) that the 
bonded 0-H band is made up of a high frequency and a low 
frequency component. Moreover, it seems that as a ketone 
becomes less sterically hindered, the contribution from the 
low frequency component increases.
In 1965, Fritzsche254 examined the shape of the
hydrogen-bonded 0-H band for complexes of phenol in CCl*.
He observed that for certain classes of proton acceptors,
the shape deviates from the normal symmetrical type. In the
particular case of carbonyls, the asymmetry was interpreted
as the superposition of two symmetrical bands originating
A
from two stereoisomeric complexes. The lower frequency 
component was attributed to an angular complex (where the 
hydrogen bond forms in the direction of the lone pair) and 
the high frequency component to either a bidentate complex
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(where the hydrogen bond forms to both the oxygen lone 
pairs) or a it complex (where the hydrogen bond forms to the 
tz cloud of the carbonyl rather than to the oxygen) .
The two component model is supported by the work of 
Korppi-Tommola and Shurvell255, who have made a detailed 
study of the complex band corresponding to the interaction 
between propanone and pentachlorophenol in CCl^. Factor 
analysis was applied to digitized spectra and this showed 
that the band is indeed best described as a composite of 
two components. More recently, Laurence et a22BS made a very 
thorough investigation of the complex band resulting from 
the interaction of 2,6-diisopropyl-4-nitrophenol (DINP) and 
methanol with a very wide variety of carbonyl compounds. 
The associations of other N-H, C-H and S-H donors with a 
more restricted range of acceptors were also included in 
their study. It was again concluded that for complexes of 
the type Ri Rs>C=0 • • HXRs, there exists two planar 
stereoisomers; a low frequency, angular complex (as 
proposed by Fritzshe) and a high frequency, linear complex 
(where the hydrogen bond forms along the axis of the C=0 
bond). It was futher proposed that the contribution of each 
geometry is linked to the steric repulsion between the two 
species together with the electronic characteristics of Ri, 
R=», Rs and X. More specifically, if the nature of X and the 
R groups give the hydrogen bond a more covalent character, 
it was thought that an angular complex is favoured; whereas 
if the hydrogen bond consists of a more electrostatic 
character, or if its formation is particularly hindered,
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then a linear geometry was thought to predominate. Thus, 
for a given base, the linear complex:angular complex ratio 
was found to be greater for DINP than for methanol.
It is encouraging to find that the results of the 
present study are very much in line with the conclusions 
drawn by Laurance et al. For example, it seems that the 
interaction of DCP with a less hindered cyclic ketone gives 
rise to a relatively large contribution from the angular 
complex, whereas in the case of di-t-butyl ketone, the 
linear complex apparantly predominates.
Fritzsche264 recognized that in contrast to carbonyl 
componds, the complexed 0-H band of phenol associated with 
1,4-dioxane or tetrahydrofuran was essentially symmetrical. 
Thus, although the concept of Avoh for carbonyl compounds 
being governed by factors other than the enthalpy of 
hydrogen-bond formation is, in itself, incongruous with the 
Badgei— Bauer relationship, it appears that the series of 
aliphatic ethers are more useful with respect to its 
appraisal. In table 9.3, the measured Avon values are 
reported for the interaction of DCP with each of the ethers 
listed in table 9.2 and in figure 9.4, a selection of the 
spectra are presented in order of Avon. By inspection of 
this figure together with the -aHi values compiled in 
table 9.2, it is immediately clear that even within this 
closely related family of bases, the Badgei— Bauer 
relationship is not obeyed. For example, trimethylene oxide 
has the second highest -aHt of all the ethers studied, yet 
it has the second lowest A v o h .
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Figure 9.4 Spectra in order of AvbH for
Selected DCP—Ether Interactions
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Figure 9.5 Plot of AHi versus AvbH for the interaction 
of DCP with Aliphatic Ethers in Cyclohexane
*
* *
*
*
*
/7rH ^
*
* * * 
di-tf-butyl ketone
*
6-1 *
A voh /  cm
---1--
200
 1--
3 0 0
Table 9.2 A vtit-t for Hydrogen-Bond Formation between
Aliphatic Ethers and DCP in Cyclohexanone
Ki— 0— R2
Hi Rz AVfciH /cm 1
CH3 ‘-C4H9 374
CA 342
^ C3H7 ff-C3H7 351
^3*7 “ A 362
^ C4H9 357
i- < A “ A
353
^ C8H17 8 17 359
- C10H21 n~C H 10 21 359
trimethylene oxide 330
tetrahydrofuran 340
tetrahydropyran 347
1,4-dioxane 295
a Free voh for DCP is 3609 cm-1
Figure 9.5 shows that a plot of -AHi versus avoh for 
the series of ethers is a scattergram. Moreover, the point 
corresponding to the di-t-butyl ketone (av oh = 194 cm-1) 
deviates by an even greater amount. Thus, although the 
Badgei— Bauer relationship is often reported to hold quite 
well within a family of compounds (particularly in cases 
where the varied substituent<s> cover a diverse range of 
electron withdrawing and donating abilities), the current
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study establishes its empirical nature and also limits its 
applicability. There can now be little or no doubt that the 
relationship is not strictly adhered to, not only for 
different base types, but also within a family of closely 
related bases. It is believed that this is the first work 
with aH values precise enough to make this conclusion 
unequivocally.
Since A voh is clearly not correlated with aHi , the 
question arises as to its possible relationship with an 
alternative parameter or effect. Although no such overall 
relation is obvious in the case of the ethers,
nevertheless, it is interesting to note that certain
structural trends predominate. For example, for cyclic 
ethers of the type <CxH2x>0, avoh increases with ring size 
(note that aHt and aGt decrease). Similarly, for straight 
chain ethers of the type (CxH2x+i )2 0 , Avon also increases 
as the chain length increses (note that there is no 
systematic change in AHi or aGt).
Finally, it must be reiterated that in this study, 
emphasis has been placed on developing a methodology 
capable of resolving what would perhaps be commonly 
considered as negligible differences in AGi , AHi and aSi .
Certainly a scale, such as log Km b , which relies on the
averaging of values obtained by different workers and 
techniques would be unlikely to significantly distinguish 
between the majority of ketones or ethers dealt with here.
10 GE1TERAL COffCLUSIOFS ABD FUTURE WORK
The method of Maria and Gal et al1£U has proved very- 
useful in the analysis of hydrogen-bond basicity and has 
helped to establish the position of this property within 
the general concept of basicity itself. Using the Maria and 
Gal approach, it has been possible to show the limit of 
generality (and hence the applicability) of a solute 
hydrogen-bond acidity scale, log KM<=%, and a solute 
hydrogen-bond basicity scale, log KHe, which have both been 
set up from a large body of hydrogen-bond log K° values in 
CCIa . It has also been found that these two scales have a 
specific advantage over all previous such scales based on 
log K° values in that a definite 'zero point' is defined 
(i.e. the convergent point where log K° = -1.1 when K° is 
in molar concentration units). Thus, for both scales, 
acidity and basicity values can be assigned to solutes 
recognized as being completely inert to hydrogen bonding 
such as alkanes and cycloalkanes (i.e. log KM« = -1.1 and 
log Kmb = -1.1). The perception of a zero point also 
enables the origin of the scales to be shifted so that, for 
example, the zero solute hydrogen-bond acidity, a2 H, or 
baicity, J32sm, value may be designated as 0 through 
equations 3.12 and 3.11, respectively. Furthermore, the 
observation of the same convergent point for both scales 
establishes their mutual connection and, via equations 3.13 
and 3. 15, allows the prediction of K° values for the
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interaction between most acid and bases whose log KMft and 
log Kh b values are known.
The present work has therefore led to the first
interrelated scales of hydrogen-bond acidity and basicity 
that are derivable from the free energy of hydrogen-bond 
formation (as log K° values). It has, however, been
identified that log K° data corresponding to the 
interaction between certain acid-base combinations (i.e. 
weak N-H and C-H acids with aliphatic amine, pyridine and 
aliphatic ether bases) adhere less well to the general
scheme and predictive equations than the overwhelming 
majority of data. Furthermore, it is anticipated that scale 
values may not be applied to associations which are subject 
to severe steric constraint or which possess an excessive 
proton-transfer contribution.
The log KM« and log Km b scales constitute values for
most of the common monofunctional solutes encountered in
f”
organic chemistry. From the measurement of futher log K°
values against an appropriate reference acid or base, it is 
then a straightforward procedure to extend the scales to 
include any monofunctional solute. However, at least two 
areas need to be investigated in order to establish some 
specific applications of the scales.
Firstly, the problem of multifunctional solutes should 
be examined. Thus, for dibasic solutes, such as the series 
of diesters (CH2)™(COzEt)z, it is by no means clear how an 
'effective' overall log Km b value is related to that for 
simple ethyl esters.
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Secondly, the applicability of log Km a and log KMB 
values to processes other than 1:1 hydrogen-bonding in 
inert solvents must be established if the scales are to be 
more generally useful. For example, partition coefficients 
(such as octanol/water) will depend, at least in part, on 
the 'effective' solute log KM<=, and log Kh b values that 
apply to a condition in which the solute is surrounded by a 
large excess of the hydrogen-bond active solvent.
Clearly, there is scope for much research into the 
difficulties of allocating effective log Km a and log Km b 
values. However, a possible approach may be to set up 
correlation equations using monofunctional 'one site' 
solutes and then back-calculate 'effective' values for 
multi-sited systems.
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